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ABSTRACT 
 
Macroscopic and Spectroscopic Investigation of Interactions of Arsenic with 
Synthesized Pyrite. (December 2008) 
Eun Jung Kim, B.S. University of Seoul; 
M.S., Pohang University of Science and Technology 
Chair of Advisory Committee: Dr. Bill Batchelor 
 
 Sulfide minerals have been suggested to play an important role in regulating 
dissolved metal concentrations in anoxic environments. Pyrite is the most common 
sulfide mineral and it has shown an affinity for arsenic, but little is known about the 
arsenic retention mechanisms of pyrite. In this study, interactions of arsenic with pyrite 
were investigated in an anoxic environment to understand geochemical cycling of 
arsenic better and to predict arsenic fate and transport in the environment better. A 
procedure using microwaves was studied to develop a fast and reliable method for 
synthesizing pyrite. Arsenic-pyrite interactions were investigated using macroscopic 
(solution phase experiments) and microscopic (X-ray photoelectron spectroscopic 
investigation) approaches.  
Pyrite was successfully synthesized within a few minutes via reaction of ferric 
iron and hydrogen sulfide under the influence of irradiation by a conventional 
microwave oven. The SEM-EDX study revealed that the nucleation and growth of pyrite 
occurred on the surface of elemental sulfur, where polysulfides are available. Compared 
 iv
to conventional heating, microwave energy results in rapid (< 1 minute) formation of 
smaller particulates of pyrite. Higher levels of microwave power can form pyrite even 
faster, but faster reaction can lead to the formation of pyrite with defects. 
Arsenic removal by pyrite was strongly dependent on pH and arsenic species. 
Both arsenite (As(III)) and arsenate (As(V)) had a strong affinity for the pyrite surface 
under acidic conditions, but As(III) was removed more effectively than As(V). Under 
acidic conditions, arsenic removal continued to occur almost linearly with time until 
complete removal was achieved.  However, under neutral to alkaline conditions, fast 
removal was followed by slow removal and complete removal was not achieved in our 
experimental conditions. A BET isotherm equation provided the best fit to arsenic 
removal data, suggesting that surface precipitation occurred at high arsenic/pyrite ratio. 
The addition of competing ions did not substantially affect the ultimate distribution of 
arsenic between the pyrite surface and the solution, but changing pH affected arsenic 
stability on pyrite. 
X-ray photoelectron spectroscopy revealed that under acidic conditions, arsenic 
was removed and formed solid phases similar to As2S3 and As4S4 by reaction with 
pyrite. However, under neutral to alkaline conditions, arsenic was removed and formed 
As(III)-O and As(V)-O surface complexes, as well as As2S3/As4S4-like precipitates. As 
pH increases, the amount of arsenic that formed As2S3/As4S4-like precipitates decreased, 
while the amount that formed As(III)-O and As(V)-O surface complexes increased. 
Under alkaline conditions, a FeAsS-like phase was also detected. 
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CHAPTER I 
INTRODUCTION 
 
Arsenic contaminated drinking water has been a big problem in many parts of the 
world including Bangladesh, China, India, Taiwan, Mexico, and the USA (1). 
Bangladesh is reported as having the worst case of arsenic contamination. Thousands of 
people there have been suffering from arsenic driven diseases, and millions of them are 
estimated to be exposed to arsenic contaminated drinking water or at risk of being 
exposed (2). Exposure of humans to elevated concentrations of arsenic in drinking water 
posses significant health risks, such as Blackfoot disease, skin, lung and bladder cancers, 
and disorders of the immune, nervous and reproductive systems (3). In 2001 following a 
reassessment of health effects, the US EPA reduced the maximum contaminant level 
(MCL) for arsenic in drinking water from 50 µg/L to 10 µg/L (4).  
Arsenic is a trace element that occurs naturally in the atmosphere, water, soils, 
and rocks. Arsenic is present as a major constituent of many minerals including sulfides 
and oxides such as realgar (As4S4), orpiment (As2S3), arsenopyrite (FeAsS), arsenolite 
(As2O3), and scorodite (FeAsO4⋅2H2O). Arsenic can be released to the surface and 
subsurface water by natural processes such as weathering and sedimentation and by 
human activities such as mining, smelting, burning of fossil fuels, and applying 
agricultural chemicals.  In water, arsenic occurs as different protonated oxyanionic forms  
 
 
____________ 
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depending on redox condition and pH. Trivalent arsenite (HnAsO3
n-3) generally exists in 
reduced conditions such as groundwater and pentavalent arsenate (HnAsO4
n-3) is 
dominant in oxidized conditions such as natural surface water (1). 
Mineral-water interactions play important roles in controlling the fate and 
transport of arsenic in natural water (1,5,6). Oxides of iron, aluminum, and manganese 
are known to be the major minerals controlling arsenic concentration in aquifers because 
of their chemistry and abundance (1,5,6). Among oxides, iron oxides are considered to 
be the most important sinks for arsenic, therefore, the interactions of arsenic with iron 
oxide minerals, such as hydrous ferric oxide (HFO), goethite, and hematite, have been 
extensively investigated (7-9). Under reduced conditions, however, reductive dissolution 
of iron oxides containing arsenic is also considered as an important source of arsenic in 
natural water (1,6,10).  
Sulfide minerals have been suggested to play an important role in regulating 
dissolved metal concentrations in anoxic environments (11-13). Commonly known as 
“Fool’s Gold”, pyrite is an iron disulfide (FeS2) that is the most common sulfide mineral 
and it is widely found in sediments, sedimentary rocks, and hydrothermal ores. 
Sedimentary pyrite has controlled the oxygen level of the atmosphere and the sulfate 
concentration in seawater over a long period of time. Pyrite plays an important role as an 
electron source in geochemical processes in the environment (14,15). Natural pyrite 
contains various amounts of trace elements such as arsenic (As), lead (Pb), cobalt (Co), 
nickel (Ni), and selenium (Se) at concentrations that range from a few ppm to tens of 
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thousands ppm. For example, arsenic contents in pyrite can vary between 2 and 96,000 
ppm (16). Thus, interactions of trace elements with pyrite have received great attention.  
A strong correlation between arsenic concentration and pyrite contents in marine 
sediments suggested capture of arsenic by pyrite (11). The examination of sediments in 
Milltown Reservoir showed that vertical transition of redox states resulted in the shift in 
partitioning of arsenic from oxides into sulfides (13). Investigation of the Clio mine 
samples showed that pyrite contains arsenic up to 3.9 wt.% and suggested that most 
arsenic is present as a solid solution in pyrite (17). X-ray absorption spectroscopy studies 
and electronic structure calculations suggest that arsenic substitutes for sulfur in pyrite 
by forming As-S dianion groups (17,18).  
Laboratory studies on interactions of arsenic with pyrite have been published 
(19-23). Farquhar et al. (19) investigated the effect of pH (pH 5.5 – 6.5) on As(III) and 
As(V) adsorption on makinawite and pyrite using X-ray absorption spectroscopy. 
Arsenic species retained their original oxidation states on the pyrite surface. Their study 
suggested formation of outer-sphere complexes by the interactions of arsenic with pyrite. 
On the other hand, Bostick et al. (20,21) suggested formation of strong inner-sphere 
complexes or surface precipitates by reactions between As(III) and pyrite. They 
suggested that initial formation of an FeAsS-like precipitate might be followed by 
conversion to As2S3 by the reaction between As(III) and pyrite. These studies have 
shown the affinity of pyrite for arsenic, but have not fully described arsenic retention 
mechanisms.  
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The goal of this research is to investigate interactions of arsenic with pyrite in an 
anoxic environment in order to better understand removal of arsenic in treatment 
systems and its behavior in natural environments. A clear understanding of the 
interactions between pyrite and arsenic under anoxic conditions is important in 
understanding geochemical cycling of arsenic and predicting arsenic fate and transport. 
This goal will be accomplished through the following objectives: 1) Develop fast and 
reliable pyrite synthesis method; 2) Evaluate arsenic removal characteristics of 
synthesized pyrite; 3) Evaluate surface characteristics of pyrite after reaction with 
arsenic. Microwaves have been successfully applied to synthesis of inorganic 
compounds such as metal (Cu, Hg, Bi, Zn, Pb, Cd) sulfide nanoparticles as well as 
synthesis of organic compounds and these reactions typically occur within a few minutes 
(24,25). Microwave synthesis of pyrite was studied with solutions of FeCl3 and NaHS 
and results are presented in Chapter II. Arsenic removal by synthesized pyrite was 
evaluated as a function of pH, arsenic concentrations, reaction time, and competing ions 
and the results will be presented in Chapter III. Finally, the surface of pyrite reacted with 
arsenic was characterized using X-ray photoelectron spectroscopy (XPS), in order to 
investigate the possible formation of arsenic compounds and the results are presented in 
Chapter IV. 
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CHAPTER II 
MICROWAVE SYNTHESIS OF PYRITE AND CHARACTERIZATION 
 
2.1 Introduction 
Commonly known as “Fool’s Gold”, iron disulfide pyrite (FeS2) is the most 
common sulfide mineral and is widely found in sediments, sedimentary rocks, and 
hydrothermal ores. Sedimentary pyrite has controlled the oxygen level of the atmosphere 
and the sulfate concentration in seawater over a long period of time. Pyrite plays an 
important role as an electron source in geochemical processes in the environment 
(14,15). 
Due to its abundance and its important role in nature, sedimentary pyrite 
formation has been studied extensively (15,26-31). Pyrite has been suggested to form 
either by direct nucleation and crystal growth (26,27) or by replacement of iron 
monosulfide (FeS) precursors (15,28-31). Generally, pyrite formation via FeS precursor 
was considered as a key mechanism. However, direct formation of pyrite by the reaction 
of Fe2+ with disulfide S2
2- was suggested by Roberts et al. (26). Rickard (27) proposed 
the mechanism of pyrite formation through the direct solution reaction between 
polysulfide and Fe2+.  
Fe2+ + S5S
2- + HS- → FeS2 + S4S
2- + H+     (2.1) 
The polysulfide and Fe2+ are the products of dissolution of elemental sulfur and FeS in 
sulfide solution, respectively. According to Luther (28), the reaction of Fe2+ and Fe3+ 
solutions with polysulfide solutions synthesizes pyrite via “FeS”, which consists of solid 
6 
 
FeS and the soluble complexes Fe(SH)+ and [Fe(SH)(Sx)]
-. Shoonen and Barnes (29) 
reported extremely slow kinetics of pyrite nucleation at low temperature, which 
supported the insignificance of direct pyrite formation via nucleation. 
The FeS precursor is formed by the reaction between ferrous iron (Fe2+) and 
aqueous sulfide (S2-). Sulfide in nature is derived by bacterial reduction of dissolved 
sulfate and the decomposition of organic sulfur compounds (15). 
Fe2+ + S2-(aq) → FeS (s)     (2.2) 
FeS can be converted to pyrite either by addition of sulfur (reaction 2.3) (15) or by loss 
of Fe2+ from FeS (reaction 2.4) (30).  
FeS + S0 → FeS2                    (2.3) 
2FeS (s) + 2H+ → FeS2 + Fe
2+ + H2     (2.4) 
The source of sulfur in reaction 3 was proposed to be elemental sulfur, hydrogen sulfide, 
polysulfides, thiosulfate, sulfites, thiols, sulfonates, and other inorganic or organic sulfur 
species (15,30,32).  
Synthesis of pyrite in the marine environment is believed to take a long time; 
however, rapid formation of pyrite has been reported when iron monosulfide is 
undersaturated but pyrite is oversaturated (33). In laboratory experiments, pyrite was 
synthesized over time periods lasting from several hours to 1 year, depending on 
reaction conditions such as pH, temperature, and source of Fe and S (34). At 
temperatures below 100°C, the rate of pyrite formation is relatively slow. Pyrite was 
formed in a few days or in a few weeks or as long as one year. However, increasing 
temperature has been shown to enhance the rate of pyrite formation (31,34).   
7 
 
Recently, microwave energy has been widely applied in organic and inorganic 
synthesis. In microwave synthesis, heat is generated by the interaction between 
microwaves and the absorbing medium, which leads to rapid and selective heating (35). 
Also, microwave heating reduces temperature and concentration gradients in the reaction 
medium, compared to other methods of heating. Compared to conventional heating 
methods, microwave synthesis is reported to have the advantage of producing small 
particles, a narrow particle size distribution and high purity as well as a short reaction 
time (24,25). Microwaves have been successfully applied to synthesis of inorganic 
compounds such as metal (Cu, Hg, Bi, Zn, Pb, Cd) sulfide nanoparticles as well as 
synthesis of organic compounds within several minutes (24,25).  
The goal of this research is to develop a rapid and simple method to synthesize 
pyrite particles using microwave irradiation. Previous methods have successfully 
synthesized pyrite by the reaction of ferric iron (Fe3+) in sulfide solutions (26,36). Here, 
microwave synthesis of pyrite was studied with FeCl3 and NaHS solutions. The effects 
of reaction time, microwave power, and solution concentrations on pyrite formation 
were investigated.                   
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2.2 Experimental Section 
2.2.1 Pyrite Synthesis 
Pyrite was synthesized by the reaction of Fe3+ in sulfide solutions. The iron and 
sulfide solutions were prepared by dissolving ferric chloride (FeCl3⋅6H2O) and sodium 
hydrosulfide (NaHS⋅xH2O) in deaerated deionized water. The deaerated deionized water 
was prepared by bubbling purified nitrogen gas through deionized water for at least 2 
hours.  Deionized water was obtained from a Millipore Milli-Q system. Then the water 
was stored in an anaerobic chamber containing gas of 5% hydrogen and 95% nitrogen 
overnight.  
Pyrite synthesis experiments were conducted in a glove box containing nitrogen 
gas. The iron and sulfide solutions with total volume of 200 mL were mixed in 
polypropylene bottles and the pH of the solution was adjusted to pH 4.0 by adding 5 M 
NaOH or 5 M HCl. Various iron and sulfide concentrations were tested, but the molar 
ratio of iron to sulfide was fixed at 0.5. The mixed solutions were placed in a 
conventional domestic microwave oven (1150 W, 2.45 GHz) and received microwave 
energy for times from a few seconds to several minutes. In some experiments, the 
percentage of time irradiated was also varied as well as the total time. The reacted 
samples were rapidly cooled in cold water to room temperature and 10 mL of 5 N HCl 
was added to remove HCl soluble compounds such as FeS. Since pyrite does not react 
with HCl, the only solids remaining would be pyrite. The remaining solids were filtered 
and dried in the anaerobic chamber. The effects of reagent concentration, reaction time, 
and percent time of microwave irradiation on pyrite synthesis were tested.  
9 
 
2.2.2 Quantification of Synthesized Pyrite  
In some experiments, synthesized pyrite was quantitatively measured by 
dissolving the solids remaining after HCl wash with nitric acid by boiling for 5 minutes. 
Pyrite does not react with HCl, but it reacts with hot nitric acid (37). The amount of 
pyrite was evaluated by measuring liberated iron concentration. The liberated iron 
concentration was measured using a UV-Vis spectrophotometer (Hewlett Packard 
G1103A) at 562 nm after developing purple color by the reaction with ferrozine. 
 
2.2.3 Solid Characterization 
The solid products were identified with X-ray diffraction (XRD). The 
morphology and particle size were characterized by JEOL JSM-6400 scanning electron 
microscope (SEM) and its chemical composition was evaluated with energy dispersive 
X-ray (EDX) spectroscopy under the SEM. The specific surface area of selected 
particles was determined using multi-point BET isotherm using N2 as the adsorbate. The 
oxidation state of iron and sulfur on the surface of synthesized pyrite was characterized 
by Kratos Axis Ultra Imaging X-ray photoelectron spectroscopy (XPS) with 
monochromatic Al K-α X-rays. Broad scan was obtained using 80 eV pass energy, while 
narrow high resolution scans of Fe 2p and S 2p were obtained using 40 eV pass energy. 
The charge effect was corrected using C 1s from contamination at 284.6 ± 0.1 eV. The 
obtained spectra were fitted using a curve-fitting program (XPSPEAK41). The spectra 
were fitted using a least-squares procedure with peaks of 80% of Lorentzian-Gaussian 
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peak shape after subtraction of a Shirley baseline. The component peaks were identified 
by comparison of their binding energies with literature values (Table 2.1). 
  
Table 2.1 XPS binding energies of Fe2p and S2p for chemical species reported in the 
literature 
 Species Binding energy (eV) References 
Fe (2p3/2) Fe(II)-S 707.2 Bostick and Fendorf (21) 
?  ?  707.0 (FeS2 bulk), 706.05, 707.95 Nesbitt and Muir (38) 
?  ?  707.5 ± 0.2 Bonnissel-Gissinger et al. (39) 
  706.5, 707.45, 708.4 Pratt et al. (40) 
?  Fe(III)-S 709.3 Bostick and Fendorf (21) 
?  ?  708.75, 709.85, 710.85, 711.75 Nesbitt and Muir (38) 
?  Fe(III)-OH 711.3 Bostick and Fendorf (21) 
?  ?  710.3, 711.3, 712.4, 713.45 Nesbitt and Muir (38) 
S (2p3/2) FeS2 (bulk) 162.6 Bostick and Fendorf (21) 
 FeS 160.8 NIST XPS database 
?  S22- 162.4 Nesbitt and Muir (38) 
?  ?  162.4 - 162.5, 162.7 Bonnissel-Gissinger et al. (39) 
?  S2-  161.2 Bostick and Fendorf (21) 
?  ?  161.65 Nesbitt and Muir (38) 
?  ?  161.1, 161.3 Bonnissel-Gissinger et al. (39) 
?  polysulfide 163.8, 163.2 Bostick and Fendorf (21) 
?  ?  163.6 Nesbitt and Muir (38) 
?  ?  165.3, 164.2, 163.8 Bonnissel-Gissinger et al. (39) 
?  S2O32- 166.8, 166.9 Bostick and Fendorf (21) 
?  ?  166.45 Nesbitt and Muir (38) 
?  SO42- 169.1, 169.0 Bostick and Fendorf (21) 
?  ?  168.25 Nesbitt and Muir (38) 
?  ?  169.1, 168.5 Bonnissel-Gissinger et al. (39) 
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2.3 Results and Discussion 
2.3.1 Pyrite Formation by Microwave Irradiation and Characterization 
The experiments were conducted with the solutions of 0.1 M of FeCl3 and 0.2 M 
of NaHS at 20% microwave power (cycle of 6 sec on and 24 sec off). A black precipitate 
was immediately formed after mixing the FeCl3 and NaHS solutions, which indicated the 
possible formation of unstable amorphous FeS. After adjusting pH of mixed solutions, 
the solutions were reacted in microwave ovens for 4, 6, 8, and 10 minutes. The SEM 
images of solid products at each reaction time are shown in Figure 2.1. After 4 min, big 
particles were detected, which were identified as elemental sulfur by the EDX spectra 
(Figure 2.2a). Small particles occurred as aggregates of crystals on the surface of 
elemental sulfur after 6 minutes, and with time, more particles having size of around 0.2 
µm were produced. The particles formed at 10 minutes were identified as pyrite based on 
the EDX spectra (Figure 2.2b).  
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Figure 2.1  SEM images of particles formed after (a) 4 min, (b) 6 min, (c) 8 min, and (d) 
10 min by microwave irradiation. 
 
    
Figure 2.2  EDX spectra of particles formed after (a) 4 min and (b) 10 min by 
microwave irradiation. 
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13 
 
The particles formed by microwave irradiation for 10 min were further identified 
by X-ray diffraction. The XRD pattern indicated the presence of pyrite and elemental 
sulfur (Figure 2.3a). After washing with acetone and carbon disulfide, sulfur was 
removed and only pyrite was identified by XRD (Figure 2.3b).  
 
 
 
Figure 2.3  X-ray diffraction patterns of particles formed by microwave irradiation for 10 
minutes. (a) before wash, (b) after wash with acetone, and CS2. 
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The surface of the particles formed by microwave irradiation for 10 min was 
further investigated by XPS. The broad scan of particle surface is shown in Figure 2.4. 
The surface consisted of iron, sulfur, oxygen, and carbon. The sulfur to iron atomic 
concentration ratio was around 2, which is consistent with pyrite (Table 2.2).  
 
 
Figure 2.4  XPS broad scan of particles formed by microwave irradiation for 10 minutes.  
 
Table 2.2  XPS analysis of particles formed by microwave irradiation for 10 minutes 
 Fe 2p S 2p O 1s 
Atomic 
Concentration (%) 
30.92 64.23 4.84 
Fe 2p1/2 
Fe 2p3/2 
Fe LMM 
O 1s 
C 1s 
S 2s 
S 2p 
Fe 3p 
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Figure 2.5 presents the Fe 2p and S 2p spectra of pyrite. The XPS data were 
fitted using a curve-fitting program, XPSPEAK41. In Figure 2.5, circles represent XPS 
data and thick solid curves represent the fit to the data. For S 2p, S 2p1/2 is separated 
from 2p3/2 by 1.18 eV and the area was 1/2 of 2p3/2. Thin solid curves represent Fe 2p3/2 
and S 2p3/2 composite peaks and dotted curves are S 2p1/2 composite peaks. The 
parameters are shown in Table 2.3. The major peaks of Fe 2p3/2 and S 2p3/2 spectra were 
at 706.9 eV and 162.4 eV, respectively, which are the characteristic peaks of pyrite in 
agreement with the reported values in literature (Table 2.1). The S 2p spectra also 
contain smaller peaks at 161.4 eV and 163.6 eV, which are interpreted to be monosulfide 
(S2-) and polysulfide (Sn
2-), respectively (38,39,41). The presence of monosulfide at the 
pyrite surface was suggested to be formed by sulfur released from broken S-S bonds that 
remains bonded to Fe (41,42). The pyrite used here was synthesized with Fe3+ and HS- 
using microwave energy. The fast synthesis by high energy may result in the rupture of 
S-S bonds and could produce monosulfide on the pyrite surface. The S 2p spectrum 
indicates the absence of highly oxidized sulfur, i.e. sulfate, on the surface. The Fe 2p3/2 
spectrum contains high binding energy tail fitted with peaks of Fe(III)-S, Fe(III)-OH, 
and Fe(III)-SO4
2-, which indicates that the surface of pyrite is slightly oxidized. 
The BET specific surface area for the pyrite particles was measured to be 15.9 
m2/g, which is about four times higher than the reported surface area (4.1 m2/g) of pyrite 
synthesized without heating (36). Microwave irradiation formed pyrite with high surface 
area.  
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Figure 2.5  XPS spectra of particles formed by microwave irradiation for 10 minutes (a) 
Fe 2p, (b) S 2p.  
 
Table 2.3  XPS peak parameters of particle formed by microwave irradiation for 10 
minutes 
Binding energy (eV) FWHM (eV) Area (%) Surface species 
Fe (2p3/2) 706.9 0.958 64.8 Fe(II)-S 
 708.2 0.958 17.4 Fe(II)-S 
 709.6 0.958 10.1 Fe(III)-S 
 710.9 0.958 5.1 Fe(III)-OH 
 712.5 0.958 2.58 Fe(III)-SO4 
     
S (2p3/2) 161.4 0.969 14.7 S
2- 
 162.4 0.969 83.4 S2
2- (FeS2) 
 163.6 0.969 1.96 Polysulfide 
 167.9 0.969 - SO4
2- 
 
 
(a) (b) 
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2.3.2 Mechanism of Pyrite Formation by the Reaction between Ferric Iron and Sulfide 
Elemental sulfur was observed during the early stage of the reaction (Figure 
2.1a). It is expected that a certain amount of elemental sulfur would be formed by the 
redox reaction between ferric iron and sulfide ions (26,36). Ferric iron oxidizes 
hydrogen sulfide to form elemental sulfur and ferric iron is reduced to form ferrous iron 
(26).  
HS- + 2Fe3+ → S0 + 2Fe2+ + H+          (2.5) 
As soon as solutions of ferric iron and hydrogen sulfide were mixed, black particles were 
formed. After 4 min reaction, HCl was observed to dissolve almost all of these black 
particles leaving only elemental sulfur, as shown in Figure 2.1a. Those black particles 
are believed to be amorphous FeS formed by reaction between ferrous iron and hydrogen 
sulfide.  
Fe2+ + HS- → FeS + H+                    (2.6) 
The SEM study revealed that pyrite particles were formed on the surface of 
elemental sulfur (Figure 2.1b, c). According to Berner (15), the presence of elemental 
sulfur is essential to form pyrite, since pyrite was formed only with an excess of 
elemental sulfur. The surface of elemental sulfur was suggested to promote pyrite 
crystallization. Pyrite formation on the elemental sulfur was also observed by Graham 
and Ohmoto (43). Pyrite was suggested to form by two pathways, based on their 
hydrothermal experiments: (1) nucleation and growth on FeS precursor surface and (2) 
nucleation and growth on S0 surface. The pyrite that was formed on the surface of 
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elemental sulfur was suggested to be synthesized by the reaction between polysulfides 
and Fe2+ ion (43).  
Pyrite formation by the reaction between polysulfides and Fe2+ ion was proposed 
by Rickard (27) and Luther (28). Polysulfides are formed by the reaction of elemental 
sulfur and hydrogen sulfide, which leads to the accumulation of polysulfides on or near 
the surface of elemental sulfur. Also, polysulfides in solution are not stable at high 
temperature  (43). Thus, the nucleation and growth of pyrite seems to occur on the 
surface of elemental sulfur, where polysulfides are available.   
Pyrite formation by ferric iron and hydrogen sulfide reaction using microwave 
energy can be summarized by following reactions (26,36,43).  
 
2Fe3+ + HS- = 2Fe2+ + S0 + H+                           (2.7) 
 (n-1)S0 + HS- = Sn
2- + H+                                    (2.8) 
Fe2+ + Sn
2- + HS- = FeS2 + Sn-1
2- + H+                (2.9) 
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2.3.3 Effect of Percent Time of Microwave Irradiation 
Effect of the percent time of microwave irradiation on pyrite formation was 
studied using solutions containing 0.1 M FeCl3 and 0.2 M NaHS. These solutions were 
reacted at microwave power levels applied for 20, 50, and 100% of the time over periods 
of 10, 4, and 2 min, respectively. Each reaction time was determined as the time when 
the solution started to boil based on preliminary experiments and resulted in 
approximately equal amounts of microwave energy supplied to the solutions.  
Figure 2.6 shows SEM images of pyrite formed by microwave reaction with 
different percent time of irradiation. Noticeable differences of particle size and shape 
were not found at different percent times of irradiation, but more aggregate particles 
were observed when higher percentages were used. Similar clustering of single pyrite 
crystals was also observed in the high temperature experiments by Luther (28). High 
percentages of irradiation times can increase temperature more rapidly, and also can 
reach higher temperature according to the “superheating effect” (44). This means that 
temperatures above the boiling point can be observed when a solvent is irradiated by 
microwave energy. The higher temperatures seem to result in more clustering of 
particles.  
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Figure 2.6  SEM images of particles formed by microwave irradiation at power of (a) 
20% for 10 min, (b) 50% for 4 min, and (c) 100% for 2 min. 
 
The amount of pyrite formed by microwave irradiation with different percent 
time of irradiation is shown in Figure 2.7. As percent time of irradiation increases, the 
amount of pyrite formed decreases. Figure 2.8 shows the amount of pyrite synthesized 
with reaction time using percent time of irradiation of 20% and 100%. With 20%, the 
amount of pyrite synthesized started to increase in 6 minutes and rapidly increase 
between 6 and 10 minutes. After 10 minutes, about 40% of initial iron added was 
transformed to pyrite (Figure 2.8a). At 100% irradiation, about 15% of initial iron was 
(b) (a) 
(c) 
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transformed to pyrite within 1 min reaction. But, the amount of pyrite synthesized was 
reduced as reaction time increased (Figure 2.8b).  
Lower yield of pyrite was observed at higher microwave power. Low yields of 
metal sulfides were also reported when the percentage of time irradiated was larger than 
40% (total power: 650 W) (25). Pyrite was formed within 1 min at 100% irradiation. 
High power of microwave irradiation accelerates the rate of pyrite formation. However, 
the longer microwave reaction at high power results in the loss of pyrite. Fast reaction 
can lead the formation of crystals with defects (45), which can be transformed by 
microwave irradiation to other forms such as FeS. Pyrite was reported to be decomposed 
to pyrrhotite-like Fe-S phase and elemental sulfur when exposed to microwave energy 
(46).  
(1-x) FeS2 → Fe1-xS + (1 – 2x) S
0                   (2.10) 
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Figure 2.7  The amount of pyrite formed using microwave power applied at 20, 50, and 
100 % of the time.  Solutions contained 0.1 M FeCl3 and 0.2 M NaHS. 
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Figure 2.8  The amount of pyrite synthesized with reaction time by microwave 
irradiation at (a) 20%, (b) 100 % of the time. Solutions contained 0.1 M FeCl3 and 0.2 M 
NaHS. 
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2.3.4 Effect of Reagent Concentration  
Effect of reagent concentrations was examined using three solutions: 0.01 M 
FeCl3/0.02 M NaHS, 0.05 M FeCl3/0.1 M NaHS, and 0.1 M FeCl3/0.2 M NaHS. Each 
solution was reacted with microwave energy at power of 20% over a period of 10 min. 
Figure 2.9 shows that particle size becomes smaller when reagent concentration is 
increased. The particle size of pyrite was around 0.1 µm when 0.1 M FeCl3/0.2 M NaHS 
solutions were used (Figure 2.9c). This is opposite to previously reported results that 
showed small particle formation with low reagent concentration in the early aging stage 
at room temperature (36). Formation of crystals occurs with nucleation followed by 
particle growth. Increasing temperature has been shown to enhance the rate of pyrite 
formation (31,34). The rate of nucleation increases with increasing solute concentration 
(saturation ratio, actual concentration/solubility). With high concentration, more nuclei 
might form at high reagent concentrations.  If the relative increase in the number of 
particles is greater than the relative increase in the concentration of reagents, then 
smaller particles would result even if all of the reagents formed particles.   
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Figure 2.9  SEM images of particles formed by reactions between (a) 0.01 M FeCl3/0.02 
M NaHS, (b) 0.05 M FeCl3/0.1 M NaHS, and (c) 0.1 M FeCl3/0.2 M NaHS. 
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CHAPTER III 
ARSENIC REMOVAL BY SYNTHESIZED PYRITE 
 
3.1 Introduction  
Arsenic is a naturally occurring toxic element having adverse effects on human 
health. Exposure of humans to elevated concentrations of arsenic in drinking water 
posses significant health risks, such as Blackfoot disease, skin, lung and bladder cancers, 
and disorders of the immune, nervous and reproductive systems (3). Arsenic is present as 
a major constituent of many minerals including sulfides and oxides such as realgar 
(As4S4), orpiment (As2S3), arsenopyrite (FeAsS), arsenolite (As2O3), and scorodite 
(FeAsO4⋅2H2O). Arsenic can be released to the surface and subsurface water by natural 
processes such as weathering and sedimentation and by human activities such as mining, 
smelting, burning of fossil fuels, and applying agricultural chemicals. In water, arsenic 
occurs as different protonated oxyanionic forms depending on redox condition and pH. 
Trivalent arsenite (HnAsO3
n-3, n=0-3) generally exists in reduced conditions such as 
groundwater and pentavalent arsenate (HnAsO4
n-3, n=0-3) is dominant in oxidized 
conditions such as natural surface water (1). 
Mineral-water interactions play important roles in controlling the fate and 
transport of arsenic in natural water (1,5,6). Oxides of iron, aluminum, and manganese 
are known to be the major minerals controlling arsenic concentration in aquifers, 
because of their chemistry and abundance (1,5,6). Among oxides, iron oxides are 
considered as the most important sinks for arsenic; therefore, the interactions of arsenic 
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with iron oxide minerals, such as hydrous ferric oxide (HFO), goethite, and hematite, 
have been extensively investigated (7-9). Under reduced conditions, however, reductive 
dissolution of iron oxides containing arsenic is also considered as an important source of 
arsenic in natural water (1,6,10).  
Sulfide minerals have been suggested to play an important role in regulating 
dissolved metal concentrations in anoxic environments (11-13,47,48). The examination 
of sediments in Milltown Reservoir (13) showed that vertical transition of redox states 
resulted in the shift in partitioning of arsenic from oxides into sulfides. Pyrite (FeS2) is 
the most common sulfide mineral, which plays an important role as an electron source in 
geochemical processes in the environment (15). Natural pyrite contains various amounts 
of trace elements such as arsenic (As), lead (Pb), cobalt (Co), nickel (Ni), and selenium 
(Se) at concentrations that range from a few ppm to tens of thousands ppm. For example, 
arsenic contents in pyrite can vary between 2 and 96,000 ppm (16). Thus, interactions of 
trace elements with pyrite have received great attention.  
A strong correlation between arsenic concentration and pyrite contents in marine 
sediments suggested capture of arsenic by pyrite (11). Investigation of the Clio mine 
samples showed that pyrite contains arsenic up to 3.9 wt.% and suggested that most 
arsenic is present as a solid solution in pyrite (17). Arsenic is suggested to substitute for 
sulfur in pyrite forming As-S dianion groups according to the X-ray absorption 
spectroscopy studies and the electronic structure calculations (17,18).  
Farquhar et al. (19) investigated As(III) and As(V) adsorption on makinawite and 
pyrite in aqueous solution (pH 5.5-6.5) using X-ray absorption spectroscopy. Arsenic 
27 
 
species retained original oxidation states on the pyrite surface. Their study suggested 
formation of outer-sphere complexes by the interactions of arsenic with pyrite. On the 
other hand, Bostick et al. (20,21) suggested formation of strong inner-sphere complexes 
or surface precipitates by reactions between As(III) and pyrite. They suggested that 
initial formation of FeAsS-like precipitate might be followed by conversion to As2S3 by 
the reaction between As(III) and pyrite. Several other studies on interactions of arsenic 
with pyrite have been published (22,23). These studies have shown the affinity of pyrite 
for arsenic, but arsenic retention mechanisms are not fully understood yet.  
The objective of this study is to investigate interactions of arsenic with pyrite in 
an anoxic environment. During arsenic-mineral interactions, simultaneous reactions 
might occur at particle-water interfaces, such as adsorption/desorption, precipitation, and 
oxidation/ reduction (49). Sorption reactions of arsenic on mineral surfaces are generally 
considered as the most important process controlling arsenic concentration and transport 
in natural water (1,5,6). In this chapter, arsenic removal by synthesized pyrite will be 
characterized using solution phase experiments and the surface of pyrite that has reacted 
with arsenic will be characterized using X-ray photoelectron spectroscopy (XPS), in 
order to investigate the possible formation of arsenic compounds. 
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3.2 Experimental Section 
3.2.1 Materials 
All solutions were prepared using deaerated and deionized water. This water was 
prepared by bubbling purified nitrogen gas through deionized water for at least 2 hours.  
Deionized water was obtained from a Millipore Milli-Q system (18 MΩ). Then the water 
was purged overnight in an anaerobic chamber containing a mixture of 5% hydrogen and 
95% nitrogen gases. Arsenite (As(III)) and arsenate (As(V)) solutions were prepared by 
dissolving NaAsO2 and Na2HAsO4⋅7H2O, respectively (Sigma-Aldrich).  
Pyrite was synthesized in a glove box containing nitrogen gas. Iron and sulfide 
solutions were prepared by dissolving ferric chloride (FeCl3⋅6H2O) and sodium 
hydrosulfide (NaHS⋅xH2O) in deaerated deionized water. The 0.1 M iron solution and 
the 0.2 M sulfide solution were mixed in a polypropylene bottle and the pH of the 
mixture was adjusted to pH 4.0 by adding 5 M NaOH or 5 M HCl. Then, the mixed 
solutions were placed in a conventional microwave oven (1150 W, 2.45 GHz) and 
allowed to react for 10 minutes at a setting of 20% (microwave power applied for 20% 
of the time). The reacted samples were rapidly cooled to room temperature by placing 
them in cold water. The solids were washed with HCl, acetone, and carbon disulfide. 
The solid products were identified as pyrite by XRD. The surface area for the particles 
was determined to be 15.9 m2/g with a multipoint BET isotherm using N2 as the 
adsorbate.  Pyrite was dried and stored in the anaerobic chamber before use.  
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3.2.2 Removal Experiments 
A completely mixed batch reactor system was applied in all experiments. All 
steps in the preparation of samples and their reaction were carried out at room 
temperature in an anaerobic atmosphere containing 5% hydrogen and 95% nitrogen. 
The pyrite suspension was allowed to react with arsenic under various 
conditions. The effect of pH on removal was investigated by adjusting the pH from pH 2 
to pH 11 using 0.1 M HCl or 0.1 M NaOH. The suspensions were continuously mixed 
on a shaker at 8 rpm for 24 hours during these experiments. After reaction, the 
suspensions were filtered through 0.2-µm membrane filters and pH of the solutions was 
measured immediately. The final pH was reported.  
Removal experiments were conducted by varying initial concentrations of As(III) 
and As(V) between 0 and 1000 µM. Variation in pH was minimized by using 0.01 M 
acetate (pH 4), MOPS (4-morpholinepropanesulfunic acid, pH 7), or CAPS (3-
cyclohexylamion-1-propanesulfonic acid, pH 10) buffers. Experiments to evaluate the 
effect of competing anions were conducted by adding Na2HPO4⋅7H2O, Na2SO4, NaNO3, 
and Na2SiO3⋅9H2O as a source of phosphate, sulfate, nitrate, and silicate, respectively. 
Pyrite suspensions (1 g/L) were allowed to react with 100 µM of As(III) and As(V) in 
the presence of 0, 1, and 10 mM of anions. Sorption experiments were carried out in 20-
mL polyethylene vials. The suspensions were continuously mixed on a shaker at 8 rpm 
for 24 hours. After reaction, the suspensions were filtered through 0.2-µm membrane 
filters.  
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Removal kinetics were investigated with pyrite suspensions prepared in 0.02 M 
buffer solutions (acetate, MOPS, CAPS) in 250-ml reaction vessels. Reactions were 
initiated by adding arsenic standard solution to a pyrite suspension. The suspension was 
agitated using a magnetic stirrer. A 10-mL aliquot was sampled from the suspension at 
each reaction time for up to 26 days. The samples were immediately filtered using 0.2-
µm membrane filters, and the filtrates were stored at 2 °C until analysis. The effects of 
arsenic species, pH, pyrite dose, arsenic initial concentrations, and sulfide were 
investigated. 
The concentrations of arsenic in filtrates were measured to determine extents of 
arsenic sorption and reaction. Arsenic was analyzed using an atomic absorption 
spectrometer coupled with continuous hydride generation system (HGAAS). Arsenic 
was reduced to arsine (AsH3) gas by continuous flow of sodium borohydride (1.5% 
NaBH4 in 0.5% NaOH). The arsine gas was transferred to the flame AA by argon carrier 
gas and its concentration was measured. The method detection limit (MDL) for As(III) 
was 0.18 µg/L and for As(V) was 0.85 µg/L. 
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3.2.3 X-ray Photoelectron Spectroscopy 
The surfaces of arsenic-reacted pyrite were characterized by X-ray photoelectron 
spectroscopy (XPS) in order to investigate the oxidation states of arsenic, iron, and 
sulfur on the surface and the possible formation of arsenic compounds.  The XPS spectra 
were obtained using Kratos Axis Ultra Imaging XPS with monochromatic Al K-α X-
rays. Broad scan was obtained using 80 eV pass energy, while narrow high resolution 
scans of As 3d, Fe 2p, and S 2p were obtained using 40 eV pass energy.  
The charge effect was corrected using C 1s from contamination at 284.5 ± 0.1 
eV. The obtained spectra were fitted using a curve-fitting program (XPSPEAK41). The 
spectra were fitted using a least-squares procedure with peaks of 80% of Lorentzian-
Gaussian peak shape after subtraction of a Shirley baseline. The component peaks were 
identified by comparison their binding energies with literature values (Table 3.1). 
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Table 3.1 XPS binding energies of Fe2p, S2p and As 3d for chemical species reported in 
the literature 
?  Species Binding energy (eV) References 
Fe 
(2p3/2) 
 
 
 
 
 
 
Fe(II)-S 707.2 Bostick and Fendorf (21) 
 707.0 (FeS2 bulk), 706.05, 707.95 Nesbitt and Muir (38) 
 707.5 ± 0.2 Bonnissel-Gissinger et al. (39) 
 706.5, 707.45, 708.4 Pratt et al. (40) 
Fe(III)-S 709.3 Bostick and Fendorf (21) 
 708.75, 709.85, 710.85, 711.75 Nesbitt and Muir (38) 
Fe(III)-OH 711.3 Bostick and Fendorf (21) 
 710.3, 711.3, 712.4, 713.45 Nesbitt and Muir (38) 
S 
(2p3/2) 
 
 
 
 
 
 
 
 
 
 
 
 
 
FeS2 (bulk) 162.6 Bostick and Fendorf (21) 
FeS 160.8 NIST XPS database 
S2
2- 162.4 Nesbitt and Muir (38) 
 162.4 - 162.5, 162.7 Bonnissel-Gissinger et al. (39) 
S2- 161.2 Bostick and Fendorf (21) 
 161.65 Nesbitt and Muir (38) 
 161.1, 161.3 Bonnissel-Gissinger et al. (39) 
Polysulfide 163.8, 163.2 Bostick and Fendorf (21) 
 163.6 Nesbitt and Muir (38) 
 165.3, 164.2, 163.8 Bonnissel-Gissinger et al. (39) 
S2O3
2- 166.8, 166.9 Bostick and Fendorf (21) 
 166.45 Nesbitt and Muir (38) 
SO4
2- 169.1, 169.0 Bostick and Fendorf (21) 
 168.25 Nesbitt and Muir (38) 
 169.1, 168.5 Bonnissel-Gissinger et al. (39) 
As 
(3d5/2) 
 
 
 
 
 
 
 
As(-I)-S 41.2 Nesbitt et al (50) 
As(0) 41.8 Nesbitt et al (50) 
As4S4 43.1 Bullen et al (51), NIST XPS database (52) 
As2S3 43.4, 43.5 Bullen et al (51), NIST XPS database (52) 
As2S5 44.4 NIST XPS database (52) 
As(I)-O 43.47 Nesbitt et al (50) 
As(III)- O 44.54, 44.4 Nesbitt et al (50,53) 
As(V)-O 45.28, 45.15 Nesbitt et al (50,53) 
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3.3 Results and Discussion 
3.3.1 Removal Kinetics 
3.3.1.1 Effect of pH 
Pyrite was reacted with As(III) and As(V) for an extended period of time at 
various pH and the concentrations in solution determined (Figure 3.1). At pH 7 and 10, 
dissolved As(III) concentration rapidly decreased at the beginning of the experiment. 
Nearly 65% of the amount of As(III) removed after 120 hours was removed within the 
first 5 minutes at pH 7, and about 50% was removed within the first hour at pH 10. 
As(III) removal at pH 7 and 10 was nearly complete within 24 hours with only slight 
changes of concentrations observed after that time. On the other hand, As(III) removal at 
pH 4 was slower than at pH 7 and 10 at the early stage of removal, but it continued to 
occur until complete removal was achieved. Slight removal of As(V) at pH 7 and 10 
occurred within the first 5 minutes and further removal was not observed for an extended 
period time. On the other hand, As(V) concentration at pH 4 decreased almost linearly 
with time over the extent of the experiment.  
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Figure 3.1 Arsenic concentrations over time in presence of pyrite.  Initial concentration 
of arsenic =100 µM. dose of pyrite = 1 g/L, (a) As(III), (b) As(V)  (  pH 4,  pH 7,  pH 
10). 
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The kinetics of removal can be interpreted using different kinetic models. Here, 
the kinetic data were analyzed using pseudo-first-order, pseudo-second-order, and 
Elovich rate equations. These rate equations were combined with a material balance 
equation for a batch reactor to produce differential equations that can be solved to 
predict how concentrations change with time.  The material balance combined with a 
pseudo-first-order equation is generally expressed as: 
1
d
( )
d
t
e t
q
k q q
t
= −
          
where, qe and qt are solid-phase concentrations at equilibrium and at time t, respectively,  
and k1 is the pseudo-first-order rate constant. The integrated form of the equation 
becomes: 
1(1 )k tt eq q e
−= −            
The pseudo-second-order equation combined with a material balance equation for a 
batch system is: 
2
2
d
( )
d
t
e t
q
k q q
t
= −
          
where k2 is the pseudo-second-order rate constant. When the equation is integrated, it 
becomes: 
2
2
21
e
t
e
k q t
q
k q t
=
+              
The Elovich equation has been extensively applied to describe the kinetics of adsorption 
on minerals (54,55). The rate of sorption is commonly observed to be very fast at first 
and then to become slower as equilibrium is reached. This equation has been known to 
(3.1) 
(3.2) 
(3.3) 
(3.4) 
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fit this behavior well and has been applied for chemisorption kinetics. The Elovich 
equation combined with a batch material balance is expressed as:  
d
d
tqt
q
e
t
βα −=
             
where α and β are constants. The constant α is the initial rate. The integrated form of this 
equation is: 
1
ln( 1)tq tαβ
β
= +
    
These three kinetic models were applied to describe the kinetic data for removal 
of As(III) and As(V) . For As(V), only the data at pH 4 were analyzed, since no 
concentration changes were observed during reaction at pH 7 and pH 10. Plots of the 
data for As(III) at pH 4, pH 7, and pH 10 with predictions by the three kinetic models 
are shown in Figure 3.2. Data for As(V) at pH 4 with predictions of the three kinetic 
models are shown in Figure 3.3. The constants and correlation coefficients calculated by 
nonlinear regression analysis are summarized in Table 3.2. 
 
 
(3.5) 
(3.6) 
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Figure 3.2 Kinetics of As(III) removal by pyrite at pH 4, 7, and 10 fitted by (a) pseudo-
first order, (b) pseudo-second order, and (c) Elovich equations.  
(a) 
(b) 
(c) 
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Figure 3.3 Kinetics of As(V) removal by pyrite at pH 4 fitted by (a) pseudo-first order, 
(b) pseudo-second order, and (c) Elovich equations.  
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(b) 
(c) 
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Table 3.2 Results of fitting kinetic models to data of As(III) and As(V) removal at 
different pHa 
Equation parameter 
As(III) As(V) 
pH4 pH 7 pH 10 pH 4 
Pseudo 
first order 
k1 
(hr-1) 
0.101 
(±30.9%) 
15.8 
(±59.3%) 
0.684 
(±33.1%) 
0.016 
(±41.4%) 
qe 
(µmol g-1) 
96.4 
(±10.7%) 
42.8 
(±5.82%) 
70.1 
(±9.05%) 
101 
(±14.6%) 
r2 0.933 0.826 0.908 0.948 
      
Pseudo 
second order 
k2 
(g hr-1 µmol-1) 
0.00126 
(±43.6%) 
0.592 
(±71.1%) 
0.0138 
(±32.5%) 
0.000148 
(±80.2%) 
qe 
(µmol g-1) 
107 
(±10.7%) 
44.4 
(±5.36%) 
74.6 
(±9.05%) 
121 
(±20.6%) 
r2 0.954 0.882 0.960 0.946 
      
Elovich α 
(µmol g-1 hr-1) 
32.7 
(±38.8%) 
1.18.E+08 
(±367%) 
416 
(±65.7%) 
3.5 
(±75.1%) 
β 
(g µmol-1) 
0.0493 
(±15.4%) 
0.448 
(±20.5%) 
0.100 
(±14.8%) 
0.0351 
(±38.8%) 
r2 0.969 0.970 0.953 0.941 
a Uncertainties represent 95% confidence limits expressed in % relative to estimate for 
parameters 
 
All three models describe the data well, as shown by their good correlation 
coefficients (r2 > 0.90), except for the pseudo-first-order model with data for As(III) at 
pH 7. The correlation coefficients showed that the Elovich equation yielded the best fit 
to data for As(III) at pH 4 and pH 7. At pH 4 and pH 7, correlation coefficients increase 
in the order:  pseudo-first order < pseudo-second order < Elovich. The pseudo-second-
order equation yielded the best fit to data for As(III) at pH 10 and the Elovich equation 
yielded the second best fit. On the other hand, all three models fit the data for As(V) at 
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pH 4 relatively well and had similar correlation coefficients, but the correlation 
coefficients showed that the pseudo-first-order equation yielded the best fit. 
Sorption of inorganics to minerals has been reported as two-step process (56-58). 
Rapid initial uptake is followed by slow uptake processes. The first step involves 
sorption to external sites, and slow second step can include the formation of the 
multinuclear surface complexes, the formation of solid solutions and surface 
precipitates, particle-particle interactions, adsorbate diffusion into the interior of porous 
particles, and other slow chemical reactions (56-58). Initially, arsenic would be removed 
by sorption to the external sites of pyrite rapidly. Then reaction on the pyrite surface 
such as formation of arsenic sulfide and surface precipitates would follow. 
The rate constants obtained from each kinetic model showed distinct differences 
at different pH and between arsenic species. The coefficient in the Elovich equation (α) 
that should equal the initial rate of removal is extremely high in the fit to data using 
As(III) at pH 7. At this pH, nearly 65% of the amount of As(III) removed after 120 hours 
was removed within the first 5 minutes and only slight changes of concentrations were 
observed after that time. Within the first 5 minutes initial As(III) removal is much faster 
than removal at later times, so a slight change of reaction time could cause a big 
difference in the ability to accurately calculate  coefficients during a regression. This 
might have led to an extremely high initial rate coefficient value and its large 95% 
confidence limit. The rates of arsenic removal by pyrite are in the order: As(III) at pH 7 
>> As(III) at pH 10 > As(III) at pH 4 > As(V) at pH 4. Arsenic removal at pH 7 and pH 
10 was nearly complete within several minutes and several hours, respectively, and 
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further removal was limited. This rapid removal at pH 7 and pH 10 indicates that arsenic 
was removed mainly by rapid sorption to external sites at these pH ranges. On the other 
hand, the kinetics of arsenic removal on pyrite at pH 4 was different from the kinetics at 
pH 7 and at pH 10. It was also different from common chemisorption kinetics, which 
typically shows faster removal at early times and slower removal at later times. The 
kinetics of As(III) removal by pyrite at pH 4 was slower than at pH 7 or pH 10 during 
the early stage of removal, but removal continued to occur until all As(III) was removed. 
This was also observed for As(V) removal by pyrite at pH 4. Arsenic removal by pyrite 
at low pH seems to be controlled mainly by the second slow uptake processes. As(V) 
removal was slower than As(III) removal. This might be due to additional reduction 
reactions that As(V) would undergo in the formation of arsenic sulfide precipitates.  
 
3.3.1.2 Effect of As(III) Initial Concentrations 
The kinetics of As(III) removal at pH 4 were further investigated with various 
As(III) initial concentrations. The kinetics of As(III) removal by pyrite at three initial 
As(III) concentrations of 20, 100, and 500 µM are illustrated in Figure 3.4. The 
constants and correlation coefficients calculated by nonlinear regression analysis are  
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summarized in Table 3.3. Nearly complete removal of As(III) was reached within 48 
hours and 96 hours for 20 µM and 100 µM As(III) initial concentration, respectively. For 
500 µM, arsenic removal continued to occur during the experiment and was expected to 
continue for an extended time period. The equilibrium solid-phase concentration was 
estimated to be about 500 µmol/g using the pseudo-first-order equation, which yielded 
the best fit (Table 3.3).  
The pseudo-first- and second-order rate constants decreased as initial arsenic 
concentrations increased and the change was in proportion to the change in 
concentration. However, there was little change in α, which is the coefficient in the 
Elovich equation that should equal the initial rate, among different initial concentrations. 
This suggests that the rate of arsenic sorption to the external sites of pyrite, which 
governs initial rate, doesn’t seem to be affected by initial arsenic concentration, but the 
rate of consequent surface reaction may be lowered at higher concentrations. 
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Table 3.3  Results of fitting kinetic models to data for removal of As(III) at different 
As(III) initial concentrations a 
Equation Parameter?  Initial As(III) Concentration 
20 µM 100 µM 500 µM 
Pseudo 
first order 
k1 (hr
-1) 
0.094 
(±17.4%) 
0.033 
(±13.5%) 
0.0058 
(±69.2%) 
qe (µmol g
-1) 
19.9 
(±5.51%) 
101 
(±5.96%) 
503 
(±49.8%) 
r2 0.985 0.995 0.984 
     
Pseudo 
second order 
k2 (g hr
-1 µmol-1) 
0.00504 
(±32.3%) 
2.53.E-04 
(±36.2%) 
3.69.E-06 
(±149%) 
qe (µmol g
-1) 
22.4 
(±7.74%) 
125 
(±10.9%) 
891 
(±63.6%) 
r2 0.980 0.991 0.983 
     
Elovich 
α  (µmol g-1 hr-1) 
4.60 
(±54.4%) 
4.96 
(±34.3%) 
2.94 
(±26.3%) 
β (g µmol-1) 
0.220 
(±22.4%) 
0.0292 
(±24.7%) 
0.00254 
(79.4%) 
r2 0.951 0.982 0.982 
 
a Uncertainties represent 95% confidence limits expressed in % relative to estimate for 
parameters 
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Figure 3.4  Kinetics of As(III) removal by pyrite (1 g/L) at As(III) initial concentrations 
of 20, 100, and 500 µM and at pH 4 with model fits using (a) pseudo-first order, (b) 
pseudo-second order, and (c) Elovich equations.  
 
(a) 
(b) 
(c) 
45 
 
3.3.1.3 Effect of Pyrite Dose  
The kinetics of As(III) removal at pH 4 were further investigated with different 
pyrite doses (Figure 3.5). As(III) (100 µM) was reacted with pyrite doses of 0.35 g/L and 
1 g/L for 25 days (600 hours). With a pyrite dose of 1 g/L, As(III) removal was nearly 
completed within 5 days and remained on the solid for extended time periods. With a 
pyrite dose of 0.35 g/L, As(III) continued to be removed for up to 25 days, at which time 
almost complete removal was achieved. Fast removal was achieved with a high dose of 
pyrite. Arsenic removal with a low dose of pyrite was slower than with a high dose of 
pyrite, but continued to occur until complete removal was achieved. At the last sampling 
time, the solid-phase concentration of As(III) in experiments with pyrite dose of 0.35 g/L 
was about 2.5 times higher than that in experiments with a pyrite dose of 1 g/L.  
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Figure 3.5  Kinetics of As(III) removal by different doses of pyrite (0.35 and 1 g/L) 
using an initial As(III) concentration of 100 µM. 
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3.3.1.4 Effect of Sulfide  
Addition of sulfide may influence arsenic removal by pyrite by forming arsenic 
sulfides like orpiment. Sulfide at concentrations of 0, 1 and 10 mM was added with 
arsenic to suspensions containing 1 g/L pyrite at pH 4 and allowed to react for 24 hours 
(Figure 3.6). Arsenic concentrations decreased over time in the absence of sulfide, but 
the addition of sulfide caused an initial decrease in arsenic concentration of about 50%. 
However, addition of 10 mM of sulfide initially decreased arsenic concentration rapidly, 
but further removal was minimal over the 24-hr reaction time.  
Arsenic could be removed by sorption to the external sites of pyrite and 
subsequently undergo surface reactions like surface precipitation of arsenic sulfide or 
other solid phases. Arsenic removal by surface precipitation of arsenic sulfide solid 
phases on pyrite can occur by initial arsenic surface complexation followed by partial 
dissolution of pyrite and subsequent reaction of the released sulfide ions and the sorbed 
arsenic (59). Without added sulfide, arsenic concentration continually decreased, 
possibly by formation of arsenic sulfide surface precipitates by the reaction with sulfide 
ions released by partial pyrite dissolution. Addition of sulfide may initially stimulate the 
precipitation of arsenic sulfide solid phases, which could cause the initial decrease in 
arsenic concentration. However, addition of higher concentrations of sulfide decreased 
further arsenic removal after an initial decrease (Figure 3.6). Equilibrium calculations 
using Visual Minteq showed that the presence of higher concentrations of sulfide in 
solution increased concentrations of soluble arsenic sulfide complexes. About 30% of 
the arsenic was present as soluble arsenic sulfide complexes with 10 mM sulfide 
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addition, while almost 100% of the arsenic precipitated as As2S3(am) with 1 mM sulfide 
addition. Addition of sulfide may improve arsenic removal by stimulating the 
precipitation of arsenic sulfide solid phases. However, the higher level of sulfide 
addition could form soluble arsenic sulfide complexes, which could lower arsenic 
removal rate from the solution.  
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Figure 3.6. Effect of sulfide on removal of As(III). 100 µmol/L of As(III) was reacted 
with 1 g/L pyrite.    
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3.3.2 Arsenic Removal Characteristics 
3.3.2.1 Effect of pH on Extent of Removal 
Since pH is an important factor affecting cation and anion adsorption, the effect 
of the solution pH on arsenic removal by pyrite was studied over the pH range of pH 2 to 
pH 12. The results of these experiments are shown in Figure 3.7 and show that arsenic 
removal was strongly dependent on solution pH. Both As(III) and As(V) have a strong 
affinity for the pyrite surface at low pH. Arsenic removal was highest at the lowest pH 
and it decreased with increasing pH. As(III) removal sharply decreased between pH 3 
and pH 7. As(III) removal dropped to 20% near pH 9 and removal increased above pH 9. 
As(V) removal dropped more sharply than As(III) between pH 2 and pH 6. As(V) 
removal was almost negligible (<10%) when pH increased above pH 5.5.   
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Figure 3.7  Effect of pH on removal of As(III) and As(V) by pyrite. 100 µmol/L of 
arsenic was reacted with 1 g/L pyrite. 
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The preliminary experiments showed that slight oxidation of pyrite surface could 
cause quite different results for arsenic removal. The preliminary removal experiments 
were conducted under aerobic conditions even though all solutions and pyrite were 
prepared under anaerobic conditions, so slight oxidation of pyrite was expected during 
reaction. In these experiments, As(III) removal by pyrite increased with increasing pH 
until pH 7 and maximum removal was achieved in the range pH 7 to pH 9. Removal of 
As(III) slightly decreased at pH above pH 9.  
The results of the current study are quite different from those that have been 
previously reported for As(III) removal by pyrite and by iron oxides. As(III) removal on 
pyrite was reported to be lowest at low pH and highest at alkaline pH (20-22), while 
As(V) removal was reported to be higher at acidic pH and lower at alkaline pH 
(3<pH<9) (22). These previous results seem to resemble more the results of arsenic 
removal by iron oxides than the results of the current study. As(III) removal by iron 
oxides increases with increasing pH until a broad maximum was reached at neutral and 
alkaline pH, i.e. in the range pH 6 to pH 10. On the other hand, As(V) removal by iron 
oxides is strong at acidic pH and decreases with increasing pH (7,8). However, it should 
be mentioned that some experimental conditions used in previously reported studies by 
others are different from those used in this study, so direct comparisons do not seem to 
be possible. Zouboulis et al. (22) studied arsenic removal with pyrite collected from a 
mine under aerobic conditions and they mentioned that a superficial layer on the pyrite 
surface was oxidized. Therefore, the oxidized pyrite surface might cause different results 
as was indicated by the results of the preliminary experiments conducted in this research. 
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Bostick et al (20,21) conducted experiments under anaerobic conditions and they were 
cautious to prevent pyrite oxidation. They reacted As(III) with pyrite for only 30 
minutes, while arsenic was reacted with pyrite for 24 hrs in the current study. The kinetic 
data in this study showed slow removal at acidic pH and fast initial removal at neutral 
and alkaline pH. Thus, different reaction times might cause different results for 
removals.  
In the systems containing arsenic and pyrite, pH affects both the soluble arsenic 
species and the surface charge of pyrite. For As(III), H3AsO3
0 is dominant up to pH 9.2, 
and H2AsO3
- is dominant between pH 9.2 and pH 12 (1). As(V) exists in solution as 
H2AsO4
- between pH 2.2 and pH 6.9, and HAsO4
2- between pH 6.9 and pH 11.5. 
H3AsO4
0 and AsO4
3- are present in extremely acidic and alkaline conditions, respectively 
(1). Thiol (≡S-H) and metal hydroxide (≡Fe-OH) groups have been known to be the 
primary functional groups on the pyrite surface (39,60). Under acidic conditions, thiol 
groups are believed to play an important role in the reactivity of pyrite both in initial 
removal and subsequent surface reactions (39). At low pH, the protonation of the pyrite 
surface makes it less negatively charged, while at high pH, the deprotonation of the 
surface makes it more negatively charged. The point of zero charge (pzc) of synthesized 
pyrite was reported at pH 2.3 (60). Meanwhile, the pzc for oxidized natural pyrite was 
reported to be between pH 6 and pH 7 (61). Therefore, above pH 2.3, the pyrite surface 
would be negatively charged if it were not oxidized, but a positively charged surfaces 
might be observed at higher pH if the surface were oxidized.  
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As discussed in the kinetic section (3.3.1.1), arsenic removal by pyrite can be 
interpreted as a two-step process, in which rapid adsorption on the external surface is the 
first step and subsequent slow surface reaction to form multinuclear surface complexes 
and surface precipitates is the second step. The dependence on pH of surface charge and 
speciation of functional groups on the pyrite surface seems to affect both arsenic 
adsorption and subsequent surface reaction. Removal of As(V) was more sensitive to pH 
change than was As(III). As(V) in solution is present in a negatively charged form above 
pH 2.2, where the pyrite surface is negatively charged. Therefore, as the pH is raised 
above pH 2.2, there would be greater repulsive electrostatic forces as the surface charge 
became more negative, resulting in reduced removal. Meanwhile, As(III) is present as a 
neutral species below pH 9.2. The major functional group on the surface of pyrite would 
be the thiol group (≡S-H) under acidic conditions (39,60). Therefore, under acidic 
conditions, arsenic in the solution might be removed by adsorption and subsequent 
reaction with thiol groups of pyrite surface forming arsenic sulfide such as orpiment 
(As2S3). The surface reaction in acidic condition will be discussed more in the X-ray 
spectroscopic investigation section. The decrease of sorption with increasing pH could 
be explained by the decrease of thiol group on the surface and increasing orpiment 
solubility with increasing pH (62). Equilibrium calculations using Visual Minteq showed 
increased soluble arsenic sulfide complexes at neutral to basic pH values. The increased 
removal of As(III) above pH 9 might be due to the sorption onto iron hydroxide (≡Fe-
OH) groups, which are the primary functional groups on the pyrite surface at high pH.  
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3.3.2.2 Effect of Arsenic Concentration 
The effect of the arsenic concentration on arsenic removal by pyrite (1 g/L) was 
studied by varying initial concentrations of As(III) and As(V) between 0 and 1000 µM. 
Sorption isotherms are used to describe equilibrium relationships between the sorption 
density and soluble sorbate concentration at given temperature (63). Langmuir, BET and 
Freundlich isotherms are commonly used to explain experimental equilibrium sorption 
data and characterize sorbent surfaces. The sorption isotherm equations and parameters 
are: 
Langmuir isotherm:    
        
max
1
e
e
q bC
q
bC
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+                    
BET isotherm: 
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2
1
2 2
(1 )(1 ( 1) )
e
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Freundlich isotherm:  
       
1
n
eq KC=                  
 
where Ce is the equilibrium concentration (µmol/L), q is the sorption density (µmol/g), 
qmax is the maximum possible sorption density, and b is the affinity of the sorbent on the 
sorbate.  k1 measures the affinity of the sorbent for the surface and k2 indicates the 
(3.7) 
(3.8) 
(3.9) 
53 
 
solubility of sorbent. K describes the adsorption density under standard conditions and n, 
indicates how the binding strength changes as the sorption density changes.  
The experiments on removal of arsenic used a reaction time of one day. 
Conditions of apparent steady state and equilibrium appeared to be reached within one 
day for experiments at pH 7 and pH 10, but were not reached in experiments at pH 4 
during the experiment. This applies to both As(III) and As(V). Therefore, the data from 
the experiments at pH 4 with As(III) and As(V) cannot be used to develop equilibrium 
relationships between concentrations of arsenic on the solid and in solution.  However, 
these three equations were applied to describe the data from experiments with As(III) 
and As(V).  
Figure 3.8 shows how the Langmuir, BET, and Freundlich equations fit data for 
As(III) on pyrite at pH 4, 7, and 10. Figure 3.9 shows them for As(V) on pyrite at pH 4. 
The isotherm constants and correlation coefficients calculated by nonlinear regression 
analysis are summarized in Table 3.4. All three relationships describe the data well as 
measured by their good correlation coefficients (r2 > 0.89). However, the correlation 
coefficients showed that the BET equation yielded the best fit to most of the 
experimental data and the Langmuir equations had the worst fit for all cases.  
The Langmuir equation describes the interaction with the surface as occurring in 
a single monolayer and doesn’t consider interactions between molecules on the surface. 
It exhibits saturation of removal capacity in a monolayer surface, which is expressed as 
maximum possible sorption density, qmax in equation (1). However, in these experiments, 
removal of arsenic continued to increase as dissolved arsenic concentration increased 
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rather than approaching maximum values. Especially at pH 7 and pH 10, arsenic 
removal was enhanced greatly at the highest solution arsenic concentrations. This 
indicates that surface reactions such as surface precipitation might be occurring at high 
arsenic/pyrite ratios and this behavior cannot be described by the Langmuir equation.   
As(III) removal by pyrite was affected by pH. The amount of As(III) removed 
per mass of pyrite was highest at pH 4, which was about twice that observed at pH 7 and 
pH 10. Concentrations of As(III) on pyrite were similar at pH 7 and pH 10 when the 
concentration in solution was higher, but concentrations of As(III) on pyrite were higher 
at pH 7 than pH 10, when concentrations in solution were lower. According to the BET 
model, the maximum solid-phase concentrations of As(III) on pyrite were 75.2, 39.7, 
and 35.5 µmol/g at pH 4, pH7, and pH 10, respectively. Figure 3.10 shows the 
relationship of solid-phase and solution-phase concentrations of As(III) and As(V) on 
pyrite at pH 4. As(V) was removed to a lesser extent than As(III) at pH 4, with a 
maximum solid-phase concentration of 56.1 µmol/g. 
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Figure 3.8  Relationship of concentration of As(III) on pyrite and in solution after 24 hr.  
Pyrite dose =1 g/L, initial concentration of As(III) = 25 to 1000 µmol/L, pH 4, 7, and 10. 
The lines are (a) Langmuir, (b) BET, and (c) Freundlich models.   
(a) 
(b) 
(c) 
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Figure 3.9  Relationship of concentration of As(V) on pyrite and in solution after 24 hr. 
Pyrite dose = 1 g/L, initial concentration of As(V) = 25 to 1000 µmol/L, pH 4. The lines 
are (a) Langmuir, (b) BET, and (c) Freundlich models.   
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Table 3.4  Results of fitting of Langmuir, BET, and Freundlich models to data at 
different pH 
Model Parameters 
As(III) As(V) 
pH 4 pH 7 pH 10 pH4 
Langmuir 
qmax (µmol/g) 94.6 79.4 72.2 98.5 
b (L/µmol) 0.113 0.00800 0.00714 0.00479 
r2 0.976 0.942 0.891 0.970 
BET 
qmax (µmol/g) 75.2 39.7 39.5 56.1 
k1 1110 122 49.9 29.3 
k2 (µmol/L) 2660 1750 1970 2250 
r2 0.990 0.975 0.970 0.978 
Freundlich 
K 36.3 6.74 4.69 3.72 
n 6.19 2.80 2.55 2.15 
r2 0.996 0.974 0.938 0.975 
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Figure 3.10  Relationship of concentrations of As(III) and As(V) on pyrite and in 
solution after 24 hr. Pyrite dose = 1 g/L, initial concentration of As(V) = 25 to 1000 
µmol/L, initial concentration of As(III) = 25 to 1000 µmol/L, pH 4. The lines are the 
BET model fits. 
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3.3.2.3 Effect of Competing Anions 
The competing effect of anions on arsenic removal by pyrite was evaluated with 
phosphate (PO4
2-), sulfate (SO4
2-), silicate (SiO3
2-), and nitrate (NO3
-) ions. Figure 3.11 
presents the effect of individual anions at three concentration levels (0.1, 1, and 10 mM) 
on both As(III) and As(V) removal by pyrite at pH 4. Sulfate, nitrate, and silicate ions 
with concentrations up to 10 mM had no significant effect on As(III) removal. But, the 
presence of 1 mM of phosphate reduced the As(III) removal by pyrite from 74.9 % to 
65.4% and 10 mM of phosphate reduced it to 24.5%. As(V) removal was more strongly 
affected by the presence of anions than As(III) removal. The presence of 10 mM of 
phosphate and silicate reduced the As(V) removal from 18.5% to 3.5% and 4.4%, 
respectively. Sulfate slightly decreased As(V) removal, while nitrate slightly increased 
As(V) removal.  
Since phosphorous (P) and arsenic have similar atomic structure and chemical 
state, phosphate is reported to compete with arsenic in many natural and treatment 
system (1).  Phosphate compete sorption sites with arsenic, which results reduced 
removal of both arsenite and arsenate by pyrite when phosphate was present. Silicate 
reduced only arsenate removal by pyrite. Sulfate and nitrate showed moderate or no 
effect on arsenic removal by pyrite, which indicates that pyrite has higher affinity for 
arsenic than sulfate and nitrate.      
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Figure 3.11  Arsenic removal in the presence of competing anions. (a) As(III), (b) As(V). 
50 µmol/L of arsenic was reacted with 1 g/L of pyrite at pH 4.  
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3.3.2.4 Stability of Arsenic on Pyrite 
Release experiments were performed by adding phosphate and by increasing pH 
in order to evaluate the stability of arsenic retained on pyrite.  Pyrite with As(III) was 
prepared by reacting 100 µM of As(III) with 0.35 g/L of pyrite at pH 4 for 26 days. 
Pyrite with As(V) was prepared by reacting 100 µM of As(V) with 1 g/L of pyrite at pH 
4 for 14 days. The suspensions of pyrite with arsenic were divided into two solutions. In 
one solution, phosphate was added to achieve a final phosphate concentration of 5 mM, 
and in the other solution, pH was increased to pH 12. 
After adding phosphate, the concentration of As(III) continued to increase for 
about 48 hours resulting in about 37% of the amount of arsenic previously removed 
being released to the solution. However, after 48 hours, the concentration of arsenic 
started to decrease (Figure 3.12a). The addition of phosphate to the suspension of pyrite 
containing As(V) also caused an increase in arsenic concentration in solution that 
continued for about 20 hours resulting in about 20% of the previously removed arsenic 
being released to solution (Figure 3.13a). After 20 hours, the concentration in solution 
began to decrease, as was observed in experiments with As(III). About 90% of the 
arsenic released to solution was As(III), indicating that, after removal, As(V) was 
reduced to As(III) by reaction with pyrite.  
The added phosphate seems to replace the weakly bound arsenic at the surface of 
pyrite, which increases arsenic concentration in the solution. Phosphate has been 
reported not to bind on pyrite significantly under anoxic conditions, since it mainly 
interacts with iron hydroxide or oxide regions on the pyrite surface (64). Investigation of 
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the pyrite surface have shown that a small portion of the surface contains iron 
(Fe(II)/Fe(III)) oxides and that iron hydroxide (≡Fe-OH) is the major functional group 
on the surface, depending on pH. Therefore, added phosphate might bind to iron 
hydroxide or oxide groups of the pyrite surface. It would not interact with thiol (≡S-H) 
groups, so they might be available to release sulfide into the solution. If this occurred, 
then the released arsenic might be removed from the solution later by forming arsenic 
sulfide precipitates on the pyrite surface.   
Soon after pH was increased, the concentration of As(III) in solution increased to 
65 µmol/L, i.e. about 70% of the arsenic removed by pyrite was released. Then, the 
arsenic concentration decreased and stabilized with an As(III) solution concentration of 
about 47 µmol/L (Figure 3.12b). For experiments with As(V), almost all of the arsenic 
removed by pyrite was released to the solution by the change of pH (Figure 3.13b) and it 
was released as As(III). After the initial rapid release, the concentrations of As(III) and 
total As decreased with time, while the concentration of As(V) increased for 48 hours. 
The concentrations of all arsenic species remained almost the same after 48 hours, with 
total arsenic concentration being around 60 µmol/L and about 70% of it being As(V). 
The suspensions of pyrite used for release experiments were prepared by reacting arsenic 
with pyrite at pH 4 for extended time period (26 days for As(III) and 14 days for As(V)). 
During reaction, partial dissolution of pyrite occurred resulting in a transfer of iron to the 
solution. When pH was increased in the release experiment, iron in the solution seemed 
to precipitate on the pyrite surface as Fe(II)/Fe(III) oxides or hydroxides. As(III) may be 
oxidized to As(V) by Fe(III)-OH on the surface of pyrite. 
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Figure 3.12  Release of As(III) from pyrite by (a) addition of phosphate and (b) increase 
of pH (pH 12). 
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Figure 3.13  Release of As(V) from pyrite by (a) addition of phosphate and (b) increase 
of pH (pH 12). 
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The previous section (3.3.2.3) described how the presence of phosphate reduced 
arsenic removal by pyrite significantly. This section describes how the addition of 
phosphate resulted in the release of arsenic from pyrite followed by it being removed 
again. Thus, the presence of phosphate does not seem to affect the ultimate distribution 
of arsenic between the pyrite surface and the solution. However, changing pH affected 
stability of sorbed arsenic on the pyrite, which can be expected because arsenic removal 
by pyrite is highly affected by pH. Arsenic removal is lower at higher pH. One study 
reported that As(V) was released from pyrite at pH higher than pH 7. They reported that 
low pH (pH < 4) was required to maintain arsenic on pyrite (23). Arsenic may be present 
on the surface of pyrite as an arsenic sulfide solid phase such as orpiment. The solubility 
of orpiment increases with increasing pH (62), so the increase of pH might result in 
release of arsenic due to the dissolution of arsenic sulfide. At high pH, soluble iron may 
precipitate on the surface as iron oxides or hydroxides. It is likely that arsenic sorbed to 
surface iron oxides or hydroxides resulting in a decrease in the concentration of arsenic 
with time. Accordingly, maintaining pH would be important for stability of pyrite that 
has reacted with arsenic.  
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3.3.3 X-ray Photoelectron Spectroscopy Investigation  
3.3.3.1 As(III) Reacted Pyrite  
X-ray photoelectron spectroscopy study of the surface of arsenic reacted pyrite 
was performed. The surfaces of pyrite which was reacted with As(III) for 26 days at pH 
4, 7, and 10 were investigated. XPS broadscans of reacted pyrites are shown in Figure 
3.14. Table 3.5 shows the XPS surface atomic concentrations of the pyrite surface after 
reaction with As(III), which were calculated using Fe 2p, S 2p, O 1s, and As 3d peak 
areas from the broadscan spectra. As 3d atomic concentration was 13% on the surface of 
arsenic-reacted pyrite at pH 4, while As 3d concentrations were 1.5% and 1 % on the 
surfaces that reacted at pH 7 and pH 10, respectively. Oxygen was present less at pH 4 
than at pH 7 and pH 10. The ratio of S to Fe (S/Fe) for pyrite should be typically around 
2, but at pH 4 there is a Fe deficiency, as shown in the S/Fe ratio of 4.52. 
 
 
Table 3.5  Atomic concentration of pyrite after reaction with As(III) for 26 days at pH 4, 
7, and 10 
 
Atomic Concentration (%) 
pH 4 pH 7 pH 10 
Fe 2p 14.7 29.2 27.6 
S 2p 66.5 57.1 59.8 
O 1s 5.72 12.2 11.7 
As 3d 13.1 1.48 0.92 
S/Fe 4.52 1.95 2.16 
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Figure 3.14  XPS broadscans of As(III) reacted pyrite for 26 day at (a) pH 4, (b) pH 7, 
(c) pH 10. 
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The XPS spectra of the S 2p, Fe 2p3/2, and As 3d, are reported in Figures 3.15, 
3.16, and 3.17. The S 2p spectra were modeled as doublets of 2p1/2 and 2p3/2 separated 
by 1.18 eV and the area of the S 2p1/2 peak was 1/2 of the area of S 2p3/2 peak. The As 3d 
spectra were modeled as doublets of 3d3/2 and 3d5/2 separated by 0.69 eV. The area of the 
As 3d3/2 peak was 2/3 of the area of As 3d5/2 peak. The surface compositions are shown 
in Table 3.6.  
 
 
Table 3.6  XPS peak parameters of pyrite after reaction with As(III) for 26 days at pH 4, 
7, and 10 
B.E. (eV) Species pH 4 pH 7 pH 10 
S 2p3/2 161.9 S
2- 5.23 5.74 0.00 
 162.9 S2
2- (FeS2) 94.1 92.7 95.5 
 164.1 Polysulfide 0.00 0.00 2.25 
 168.4 SO4
2- 0.62 1.60 2.20 
      
Fe 2p3/2 707.1 Fe(II)-S 75.3 69.5 72.0 
 708.4 Fe(II)-S 13.6 13.4 13.4 
 709.8 Fe(III)-S 6.84 9.02 7.96 
 711.1 Fe(III)-O 3.17 5.56 4.68 
 712.7 Fe(III)-O 1.11 2.53 2.02 
      
As 3d5/2 41.9 As(0) 0.00 11.7 11.3 
 43.1 As4S4 50.1 28.3 22.0 
 43.4 As2S3 49.9 20.3 16.4 
 44.5 As(III)-O 0.00 15.7 19.9 
?  45.2 As(V)-O 0.00 24.0 30.4 
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The major peak of S 2p spectrum of pyrite at all pH values is located at 162.9 eV, 
which is assigned to disulfide (S2
2-) in bulk FeS2 (38,39,41). The S 2p spectrum also 
contains smaller peaks at 161.9 eV at pH 4 and pH 7, which is interpreted to be 
monosulfide (S2-) (38,39,41). The presence of monosulfide at the pyrite surface was 
suggested to have been formed by S-S bonds that were broken and the sulfur remaining 
bonded to Fe (41,42). The pyrite used here was synthesized with Fe3+ and HS- using 
microwave energy. The fast synthesis under microwave irradiation may result in the 
rupture of S-S bonds and could produce monosulfide on the pyrite surface. The S 2p 
spectra also indicate the presence of oxidized sulfur on the surface as indicated by peaks 
located at 164.1 eV and 168.4 eV. The size of these peaks increases at higher pH, 
indicating that surfaces are more oxidized at higher pH. 
The major peak in the Fe 2p3/2 spectrum of pyrite at all pH values is at 707.1 eV, 
which is consistent with the reported characteristic peak of pyrite. The peak at 708.4 eV 
is close to the peak reported as an FeS-like compound or as a surface defect (39). The Fe 
2p3/2 spectrum also contains a tail at high bonding energies that was fitted with peaks 
associated with species containing Fe(III)-S, Fe(III)-OH, and Fe(III)-SO4
2-bonds.  These 
peaks are bigger in the spectra obtained at pH 7 and pH 10 than at pH 4. Oxidation of the 
pyrite surface is strongly dependent on the solution pH (39). Presence of more sulfate 
and Fe(III) on the surface at higher pH is evidence that the surface of arsenic-reacted 
pyrite was more oxidized at higher pH. 
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The major peaks of As 3d5/2 at pH 4 were attributed to species similar to As4S4 
and As2S3 and were located at 43.1 eV and 43.4 eV. The As 3d5/2 spectrum indicates that 
neither As(III)-oxide arsenic, which was initially added, nor As(V)-oxide arsenic was 
detected at pH 4. The XPS data suggests that arsenic was removed from solution mainly 
by reduction and subsequent surface precipitation of phases similar to As4S4 and As2S3 
during reaction with pyrite at pH 4. Meanwhile, the combined relative concentrations of 
As4S4 and As2S3 surface solid phases decreased to 48.6% and 38.4% at pH 7 and pH 10, 
respectively. The contribution of As(III)-oxide and As(V)-oxide arsenic to the total 
surface arsenic identified by XPS increased as pH increased. At higher pH, arsenic 
removal by surface precipitation of solid phases such as As4S4 and As2S3 seems to be 
less important than at lower pH where arsenic removal by sorption is also occurring. 
Also, elemental arsenic was observed on the surface at pH 7 and 10, indicating that 
arsenic was also removed by precipitation of the FeAsS-like phase suggested by Bostick 
et al (21).  
 
70 
 
 
Figure 3.15  The S 2p XPS spectra of pyrite after reaction with As(III) for 26 days at (a) 
pH 4, (b) pH 7, (c) pH 10. 
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Figure 3.16  The Fe 2p3/2 XPS spectra of pyrite after reaction with As(III) for 26 days at 
(a) pH 4, (b) pH 7, (c) pH 10. 
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Figure 3.17  The As 3d XPS spectra of pyrite after reaction with As(III) for 26 days at (a) 
pH 4, (b) pH 7, (c) pH 10. 
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On the basis of XPS data, it is proposed that surface precipitation occurs when 
arsenic is removed by pyrite and forms solid phases similar to As2S3 and As4S4. 
However, under neutral to alkaline conditions, arsenic is removed and remains as 
As(III)-O and As(V)-O surface complexes as well as being converted to solids phases by 
surface precipitation. Also, precipitation of a FeAsS-like phase occurs under alkaline 
conditions. As pH increases, arsenic removal by surface precipitation of phases like 
As2S3 and As4S4 decreases, while removal by As(III)-O and As(V)-O surface complexes 
increases. The effect of pH was also observed during reaction of arsenic and 
mackinawite (65). It was reported that arsenic removal by precipitation of an As4S4-like 
precipitate dominated under acidic conditions and arsenite sorption dominated under 
alkaline conditions.  
Under acidic conditions, arsenic removal continued for extended time periods 
without reaching equilibrium, but achieving high removals. The XPS results indicate that 
arsenic removal by precipitation of solid phases similar to As2S3 and As4S4 dominated 
under acidic conditions. In order for surface precipitation to occur, it must be preceded 
by mineral dissolution that contributes ions that participate in forming the surface 
precipitate (66). Surface precipitation of solid phases like As2S3 and As4S4 on pyrite can 
occur as suggested by Jia et al. (59). Initial surface complexation of arsenic would be 
followed by partial dissolution of pyrite. Then, solid phases like As2S3 and As4S4 would 
form on the surface by the reaction of the released sulfide ions and the sorbed arsenic. 
Pyrite solubility decreases at high pH (67), so the decreased dissolution of pyrite would 
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limit surface precipitation and result in lower removals at neutral and alkaline 
conditions.  
 
3.3.3.2   Release Experiments  
The surfaces of particles before and after the release experiments were 
investigated by XPS and the results compared. Relative surface concentrations of these 
pyrite surfaces were determined by XPS (Figure 3.18) and are shown in Table 3.7. These 
results show that contact with solutions of phosphate decreased the relative surface 
arsenic concentration from 13.1% to 8.93% and increased the relative surface 
concentration of iron. The increase in relative iron concentration might be caused by 
decrease of relative concentrations of arsenic and sulfur associated with arsenic after 
addition of phosphate. Phosphate was not observed on the surface, which is supported by 
the report that phosphate does not bind to pyrite significantly under anoxic conditions 
(64).  
The XPS spectra of the Fe 2p3/2, S 2p, and As 3d, are reported in Figures 3.19, 
3.20, and 3.21. The surface compositions are summarized in Table 3.8. The major peak 
of the As 3d spectrum after phosphate addition is specie similar to As4S4 (. This peak 
increased, while the peak associated with As2S3 peak decreased after phosphate addition. 
The arsenic released immediately after phosphate addition might later be removed by 
surface precipitation of As4S4.  
As pH increased in the release experiment, the relative concentration of arsenic 
on the surface was reduced to 0.62%, while the relative concentrations of iron and 
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oxygen increased. The Fe 2p3/2 spectra indicate an increase in oxidized species of iron 
(Fe3+). The suspensions of pyrite used for release experiments were prepared by reacting 
arsenic with pyrite at pH 4 for extended time period (26 days for As(III) and 14 days for 
As(V)). During reaction, partial dissolution of pyrite occurred resulting in a transfer of 
iron to the solution.  When pH was increased in the release experiment, iron in the 
solution seemed to precipitate on the pyrite surface as iron oxides, which also increased 
oxygen concentration on the surface. Soon after pH was increased, about 70% of the 
arsenic on the surface of pyrite was released to solution, and then arsenic concentration 
decreased. The As 3d spectrum of pyrite after contact with the high pH solution shows 
an increase in oxidized arsenic, i.e. As(V) and As(III) oxides. The major peaks of the As 
3d spectrum are associated with As(V)-oxide and As2S3. The released arsenic might be 
subsequently removed by formation of As(III)-O and As(V)-O surface complexes as 
well as solid phases similar to As2S3 and FeAsS as was observed for pyrite contacted 
with arsenic under alkaline conditions (3.3.3.1).  
 
 
Table 3.7  Atomic concentration of pyrite before and after contact with two solutions (5 
mM phosphate, pH 12) for 20 days 
 
Atomic Concentration (%) 
26 day reacted Phosphate addition pH increase 
Fe 2p 14.7 22.2 25.7 
S 2p 66.5 60.9 47.0 
O 1s 5.72 7.95 26.7 
As 3d 13.1 8.93 0.62 
S/Fe 4.52 2.75 1.83 
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Figure 3.18  X-ray photoelectron broadscans of pyrite after reaction with As(III) for 26 
days at pH 4 and (a) no further treatment, (b) contact with 5 mM phosphate solution for 
20 days, (c) contact with a pH 12 solution for 20 days. 
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 Table 3.8  XPS peak parameters of pyrite before and after contact with two solutions (5 
mM phosphate, pH 12) for 20 days 
B.E. (eV) Species 26 day P pH 
S 2p3/2 161.9 S
2- 5.23 1.03 0.00 
 162.9 S2
2- (FeS2) 94.1 99.0 97.7 
 164.1 Polysulfide 0.00 0.00 1.81 
 168.4 SO4
2- 0.62 0.00 0.47 
      
Fe 2p3/2 707.1 Fe(II)-S 68.4 74.8 63.7 
 708.4 Fe(II)-S 16.2 12.6 9.26 
 709.8 Fe(III)-S 7.65 7.63 11.6 
 711.1 Fe(III)-O 4.52 3.31 10.4 
 712.7 Fe(III)-O 3.23 1.70 5.04 
      
As 3d5/2 41.9 As(0) 0.00 0.00 13.5 
 43.1 As4S4 50.1 69.7 0.04 
 43.4 As2S3 49.9 29.8 30.5 
 44.5 As(III)-O 0.00 0.52 11.7 
?  45.2 As(V)-O 0.00 0.00 44.3 
 
78 
 
 
Figure 3.19  The Fe 2p3/2 XPS spectra of pyrite after reaction with As(III) for 26 days at 
pH 4 and (a) no further treatment, (b) contact with 5 mM phosphate solution for 20 days, 
(c) contact with a pH 12 solution for 20 days.  
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Figure 3.20  The S 2p XPS spectra of pyrite after reaction with As(III) for 26 days at pH 
4 and (a) no further treatment, (b) contact with 5 mM phosphate solution for 20 days, (c) 
contact with a pH 12 solution for 20 days. 
(a) 
(b) 
(c) 
Binding Energy (eV) 
In
te
ns
it
y 
(C
P
S
) 
80 
 
 
Figure 3.21  The As 3d XPS spectra of As 3d of pyrite after reaction with As(III) for 26 
days at pH 4 and (a) no further treatment, (b) contact with 5 mM phosphate solution for 
20 days, (c) contact with a pH 12 solution for 20 days.  
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CHAPTER IV 
X-RAY PHOTOELECTRON SPECTROSCOPIC INVESTIGATION OF PYRITE 
AFTER REACTION WITH ARSENIC AS A FUNCTION OF pH 
 
4.1 Introduction 
Arsenic contaminated drinking water has been a big problem in many parts of the 
world including Bangladesh, China, India, Taiwan, Mexico, and the USA (1,3). 
Exposure of humans to elevated concentrations of arsenic in drinking water posses 
significant health risks, such as Blackfoot disease, skin, lung and bladder cancers, and 
disorders of the immune, nervous and reproductive systems (3). Arsenic is a trace 
element that occurs naturally in the atmosphere, water, soils, and rocks. Arsenic is 
present as a major constituent of many minerals including sulfides and oxides such as 
realgar (As4S4), orpiment (As2S3), arsenopyrite (FeAsS), arsenolite (As2O3), and 
scorodite (FeAsO4⋅2H2O). Arsenic can be released to the surface and subsurface water 
by natural processes such as weathering and sedimentation and by human activities such 
as mining, smelting, burning of fossil fuels, and applying agricultural chemicals (1). 
Mineral-water interactions play important roles in controlling the fate and 
transport of arsenic in natural water (1,5,6). Oxides of iron, aluminum, and manganese 
are known to be the major minerals controlling arsenic concentration in aquifers, 
because of their chemistry and abundance (1,5,6). However, under reduced conditions, 
sulfide minerals have been suggested to play an important role in regulating dissolved 
metal concentrations (11-13,47,48). The examination of sediments in Milltown 
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Reservoir (13) showed that vertical transition of redox states resulted in the shift in 
partitioning of arsenic from oxides into sulfides. Pyrite (FeS2) is the most common 
sulfide mineral, which plays an important role as an electron source in geochemical 
processes in the environment (15). Natural pyrite contains various amounts of trace 
elements such as arsenic (As), lead (Pb), cobalt (Co), nickel (Ni), and selenium (Se) at 
concentrations that range from a few ppm to tens of thousands ppm. For example, 
arsenic contents in pyrite can vary between 2 and 96,000 ppm (16). Thus, interactions of 
trace elements with pyrite have received great attention. 
X-ray absorption spectroscopy studies and electronic structure calculations 
suggest that arsenic can substitute for sulfur in pyrite by forming As-S dianion groups 
(17,18). Farquhar et al. (19) suggested that arsenic forms outer-sphere complexes with 
pyrite based on results of X-ray absorption spectroscopy. On the other hand, Bostick et 
al. (20,21) suggested that arsenic forms strong inner-sphere complexes or surface 
precipitates on pyrite. They suggested that initial reactions between As(III) and pyrite 
might form a FeAsS-like precipitate that could be converted to As2S3. Several other 
studies on interactions of arsenic with pyrite have been published (22,23). These studies 
have shown the affinity of pyrite for arsenic, but arsenic retention mechanisms are not 
fully understood yet.  
The objective of this study is to investigate interactions of arsenic with pyrite in 
an anoxic environment and how these interactions are affected by pH. The surface of 
pyrite has been reported to change drastically depending on the pH (39) and arsenic 
occurs as different protonated oxyanionic forms depending on pH (1). In this study, 
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arsenic was reacted with pyrite at different pH values in an anoxic environment and the 
surface of pyrite was studied using x-ray photoelectron spectroscopy (XPS) to 
characterize surface species.   
 
4.2 Experimental Section 
4.2.1 Materials 
All solutions were prepared using deaerated and deionized water. This water was 
prepared by bubbling purified nitrogen gas through deionized water for at least 2 hours.  
Deionized water was obtained from a Millipore Milli-Q system (18 MΩ). Then the water 
was purged overnight in an anaerobic chamber containing a mixture of 5% hydrogen and 
95% nitrogen gases. Arsenite (As(III)) and arsenate (As(V)) solutions were prepared by 
dissolving NaAsO2 and Na2HAsO4⋅7H2O, respectively (Sigma-Aldrich).  
Pyrite was synthesized in a glove box containing nitrogen gas. Iron and sulfide 
solutions were prepared by dissolving ferric chloride (FeCl3⋅6H2O) and sodium 
hydrosulfide (NaHS⋅xH2O) in deaerated deionized water. The 0.1 M iron solution and 
the 0.2 M sulfide solution were mixed in a polypropylene bottle and the pH of the 
mixture was adjusted to pH 4.0 by adding 5 M NaOH or 5 M HCl. Then, the mixed 
solutions were placed in a conventional microwave oven (1150 W, 2.45 GHz) and 
allowed to react for 10 minutes at a setting of 20% (microwave power applied for 20% 
of the time). The reacted samples were rapidly cooled to room temperature by placing 
them in cold water. The solids were washed with HCl, acetone, and carbon disulfide. 
The solid products were identified as pyrite by XRD. The surface area for the particles 
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was determined to be 15.9 m2/g by a multipoint BET isotherm using N2 as the adsorbate. 
Pyrite was dried and stored in the anaerobic chamber before use.  
 
4.2.2 Removal Experiments 
Removal kinetics were investigated with pyrite suspensions at pH 4, pH 7, and 
pH 10. Variation in pH was minimized by using 0.02 M acetate (pH 4), MOPS (4-
morpholinepropanesulfunic acid, pH 7), or CAPS (3-cyclohexylamion-1-
propanesulfonic acid, pH 10) buffers. Pyrite suspensions (1 g/L) were prepared in 0.02 
M buffer solutions (acetate, MOPS, CAPS) and stabilized for three hours before 
reactions. Reactions were initiated by adding arsenic (As(III)) standard solution to a 
pyrite suspension. The initial arsenic concentration was 100 µM. The suspension was 
agitated using a magnetic stirrer. A 10-mL aliquot was sampled from the suspension at 
each reaction time for up to 29 days. The samples were immediately filtered using 0.2-
µm or 0.02-µm membrane filters, and the filtrates were stored at 2 °C until analysis.  
All steps in the preparation of samples and their reaction were carried out at 
room temperature in an anaerobic atmosphere containing 5% hydrogen and 95% 
nitrogen. The concentrations of arsenic in filtrates were measured to determine extents of 
arsenic sorption and reaction. Arsenic was analyzed using an atomic absorption 
spectrometer coupled with continuous hydride generation system (HGAAS). Arsenic 
was reduced to arsine (AsH3) gas by continuous flow of sodium borohydride (1.5% 
NaBH4 in 0.5% NaOH). The arsine gas was transferred to the flame AA by argon carrier 
85 
 
gas and its concentration was measured by comparison with standards. The method 
detection limit (MDL) for As(III) was 0.18 µg/L and for As(V) was 0.85 µg/L. 
 
4.2.3 X-ray Photoelectron Spectroscopy 
The surface of arsenic-reacted pyrite was characterized by Kratos Axis Ultra 
Imaging X-ray photoelectron spectroscopy (XPS) with monochromatic Al K-α X-rays. 
The arsenic-reacted pyrite particles were prepared on 0.2-µm or 0.02-µm membrane 
filters at each reaction time and dried and stored in the anaerobic chamber before 
analysis.  A broadscan was obtained using 80 eV pass energy, while narrow high 
resolution scans of As 3d, Fe 2p, and S 2p were obtained using 40 eV pass energy. The 
charge effect was corrected using C 1s from contamination at 284.5 ± 0.1 eV. The 
obtained spectra were fitted using a curve-fitting program (XPSPEAK41). The spectra 
were fitted using a least-squares procedure with peaks of 80% of Lorentzian-Gaussian 
peak shape after subtraction of a Shirley baseline. The component peaks were identified 
by comparison of their binding energies with literature values (Table 4.1). 
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Table 4.1 Fe2p, S2p and As 3d XPS binding energies reported in the literature 
?  Species Binding energy (eV) References 
Fe 
(2p3/2) 
 
 
 
 
 
 
Fe(II)-S 707.2 Bostick and Fendorf (21) 
 707.0 (FeS2 bulk), 706.05, 707.95 Nesbitt and Muir (38) 
 707.5 ± 0.2 Bonnissel-Gissinger et al. (39) 
 706.5, 707.45, 708.4 Pratt et al. (40) 
Fe(III)-S 709.3 Bostick and Fendorf (21) 
 708.75, 709.85, 710.85, 711.75 Nesbitt and Muir (38) 
Fe(III)-OH 711.3 Bostick and Fendorf (21) 
 710.3, 711.3, 712.4, 713.45 Nesbitt and Muir (38) 
S 
(2p3/2) 
 
 
 
 
 
 
 
 
 
 
 
 
 
FeS2 (bulk) 162.6 Bostick and Fendorf (21) 
FeS 160.8 NIST XPS database 
S2
2- 162.4 Nesbitt and Muir (38) 
 162.4 - 162.5, 162.7 Bonnissel-Gissinger et al. (39) 
S2- 161.2 Bostick and Fendorf (21) 
 161.65 Nesbitt and Muir (38) 
 161.1, 161.3 Bonnissel-Gissinger et al. (39) 
Polysulfide 163.8, 163.2 Bostick and Fendorf (21) 
 163.6 Nesbitt and Muir (38) 
 165.3, 164.2, 163.8 Bonnissel-Gissinger et al. (39) 
S2O3
2- 166.8, 166.9 Bostick and Fendorf (21) 
 166.45 Nesbitt and Muir (38) 
SO4
2- 169.1, 169.0 Bostick and Fendorf (21) 
 168.25 Nesbitt and Muir (38) 
 169.1, 168.5 Bonnissel-Gissinger et al. (39) 
As 
(3d5/2) 
 
 
 
 
 
 
 
As(-I)-S 41.2 Nesbitt et al (50) 
As(0) 41.8 Nesbitt et al (50) 
As4S4 43.1 Bullen et al (51), NIST XPS database (52) 
As2S3 43.4, 43.5 Bullen et al (51), NIST XPS database (52) 
As2S5 44.4 NIST XPS database (52) 
As(I)-O 43.47 Nesbitt et al (50) 
As(III)- O 44.54, 44.4 Nesbitt et al (50,53) 
As(V)-O 45.28, 45.15 Nesbitt et al (50,53) 
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4.3 Results and Discussion 
4.3.1 Surface Characterization of Unreacted Pyrite  
Pyrite suspensions in buffer solutions at pH 4, pH 7, and pH 10 were mixed for 3 
hours before reaction with arsenic in order to let pyrite particles stabilize at each pH. 
After 3 hours, pyrite particles were sampled to investigate surfaces of unreacted pyrite at 
different pH values. Interestingly, in the pyrite suspensions at pH 7 and pH 10 small 
particles were observed, which were passing through the 0.2-µm membrane filter. The 
proportions of small particles increased as time in contact with the buffer solution 
increased, but the exact proportions were not measured during experiments. Smaller 
particles were gathered with 0.02-µm membrane filter and investigated separately with 
particles gathered on the 0.2-µm filter. Figure 4.1 shows SEM images of pyrite particles 
collected on 0.2-µm and 0.02-µm membrane filters after reacting with arsenic at pH 10. 
The particle size of synthesized pyrite before contact with the buffer solution was around 
0.5 to 1 µm, but the size of particles gathered on the 0.02-µm membrane filter was 
around 0.05 µm (Figure 4.1(a)). 
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Figure 4.1 SEM images of (a) big particles and (b) small particles of pyrite after contact 
with buffer solution at pH 10. 
 
 
 
 
(a) 
(b) 
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The XPS broadscans for unreacted pyrite particles suspended at different pH 
values are given in Figure 4.2. Fe 2p, S 2p, and O 1s peak areas from the XPS 
broadscans were used to determine the surface atomic ratios shown in Table 4.2. At pH 
4, the pyrite surface was composed of 31% Fe and 64% S with about 5% O. The S/Fe 
ratio is 2.08, which is consistent with the theoretical ratio of FeS2. At pH 7, the surface 
composition of big particles is similar to that of pyrite at pH 4, except that the O content 
increases to about 10%. However, the surface composition of the small particles shows 
40% O and the S/Fe ratio is reduced to 1.69. At pH 10, the surface composition of the 
big particles is similar to pyrite at pH 7, but 92.7% of the surface of small particles is 
covered by O and the S/Fe ratio is 1.57. 
 
 
Table 4.2 Surface atomic composition (%) of particles of pyrite contacted with buffer 
solutions at pH 4, pH 7, and pH 10 
?  Fe 2p S 2p O 1s S/Fe 
pH 4 30.9 64.2 4.84 2.08 
pH 7 
Big 29.9 59.0 11.1 1.97 
Small 22.3 37.7 40.0 1.69 
pH 10 
Big 27.4 62.3 10.3 2.27 
Small 2.83 4.44 92.7 1.57 
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Figure 4.2 X-ray photoelectron broadscans of particles of pyrite of different sizes after 
contact with buffer solutions at different pH. (a) at pH 4, (b) big particles at pH 7, (c) 
small particles at pH 7, (d) big particles at pH 10, and (e) small particles at pH 10.  
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Figure 4.3 and Figure 4.4 present the narrow scan S 2p and Fe 2p3/2 spectra of 
pyrite suspended in buffer solutions at pH 4, pH 7, and pH 10. The S 2p spectra were 
modeled as doublets of 2p1/2 and 2p3/2 separated by 1.18 eV and the area of the S 2p1/2 
peak was 1/2 of the area of S 2p3/2 peak.  The surface compositions are shown in Table 
4.3. 
At pH 4, the major peak of the S 2p spectrum of pyrite is at 162.4 eV, which is 
assigned to disulfide (S2
2-) of bulk FeS2 (38,39,41). The S 2p spectra also contain smaller 
peaks at 161.4 eV and 163.6 eV, which are interpreted to be monosulfide (S2-) and 
polysulfide (Sn
2-), respectively (38,39,41). The presence of monosulfide at the pyrite 
surface was suggested to be formed by sulfur released from broken S-S bonds that 
remains bonded to Fe (41,42). The pyrite used here was synthesized with Fe3+ and HS- 
using microwave energy. The fast synthesis by high energy may result the rupture of S-S 
bonds and could produce monosulfide on the pyrite surface. The S 2p spectrum at pH 4 
indicates the absence of highly oxidized sulfur, i.e. sulfate, on the surface.     
At high pH, minor changes are observed in the S 2p spectra for the big particles 
compared to pyrite at pH 4. The major peak in S 2p spectra of big particles of pyrite at 
pH 7 and pH 10 is disulfide. However, the relative abundance of monosulfide decreases 
as pH increases (14.7% at pH 4, 11.3% at pH 7, 7.68% at pH 10). Meanwhile, the S 2p 
spectra of small particles at pH 7 and pH 10 show big differences when compared to 
spectra at pH 4 or to spectra of big particles at pH 7 and pH 10. The major peak is 
shifted to lower energy at 160.8 eV, which is assigned to the monosulfide of bulk FeS. 
The S 2p spectra show that the disulfide peak represents only 8.3% of the sulfur at pH 7 
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and 4.3% at pH 10. The second biggest peak in the S 2p spectra at pH 10 is located at 
168.6 eV, which is assigned to SO4
2-. More oxidized sulfur species are observed at 
higher pH.  
At pH 4, the major peak of Fe 2p3/2 spectrum is at 706.9 eV, which is consistent 
with the reported characteristic peak iron in pyrite. The peak at 708.2 eV is close to the 
peak reported to be an FeS-like specie or to be surface defects (39). Considering the 
presence of monosulfide, the peak at 708.2 eV is believed to be the Fe(II)-S peak of FeS. 
The Fe 2p3/2 spectrum also contains a tail at high binding energies that was fitted with 
peaks of Fe(III)-S, Fe(III)-OH, and Fe(III)-SO4
2-. The detection of monosulfide in the S 
2p spectra suggests the presence of Fe(III) peaks on the surface of pyrite (41). The 
monosulfide has been suggested to be formed by rupture of S-S bonds and reduction of 
S- to S2- along with oxidation of Fe2+ to Fe3+ (41).   
Fe2+surface + S
-
surface → Fe
3+
surface + S
2-
surface     (4.1) 
At high pH, the Fe 2p3/2 spectra of big particles are similar to the spectra at pH 4 as was 
observed for the S 2p spectra. However, the Fe 2p3/2 spectra of small particles contain 
more oxidized Fe peaks compared to big particles.   
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Table 4.3 XPS peak parameters for pyrite particles of different sizes after contact with 
buffer solutions at different pH 
Binding Energy (eV) Species pH 4 
pH 7 pH 10 
big small Big small 
S 2p3/2 160.8 S
2- (FeS) - - 58.9 - 41.4 
 161.4 S2- 14.7 11.3 21.4 7.68 12.8 
 162.4 S2
2- (FeS2) 83.4 88.5 8.27 91.6 4.30 
 163.6 Polysulfide 1.96 0.128 5.83 0.724 3.91 
 167.9 SO4
2- - - 5.61 - - 
 168.6 SO4
2- - - - - 37.6 
Fe 2p3/2 706.9 Fe(II)-S 64.8 66.6 41.5 66.3 33.6 
 708.2 Fe(II)-S 17.4 14.9 21.1 15.9 27.8 
 709.6 Fe(III)-S 10.1 9.99 18.5 9.71 24.1 
 710.9 Fe(III)-OH 5.10 5.73 11.8 5.59 8.01 
 712.5 Fe(III)-SO4 2.58 2.74 6.99 2.45 6.49 
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Figure 4.3 S 2p XPS spectra of particles of pyrite of different sizes after contact with 
buffer solutions at different pH. (a) at pH 4, (b) big particles at pH 7, (c) small particles 
at pH 7, (d) big particles at pH 10, and (e) small particles at pH 10.  
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Figure 4.4 Fe 2p3/2 XPS spectra of particles of pyrite of different sizes after contact with 
buffer solutions at different pH. (a) at pH 4, (b) big particles at pH 7, (c) small particles 
at pH 7, (d) big particles at pH 10, and (e) small particles at pH 10.  
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In this study, small particles with size of around 0.05 µm were observed when 
pyrite was suspended in solutions with high pH values and the surface composition was 
observe to vary depending on pH. The surface of pyrite has been reported by others to 
change drastically with the pH (39). Bonnissel-Gissinger et al. (39) studied surface 
oxidation as a function of pH and reported that oxidation of the pyrite surface was faster 
as pH increased. Also, the surface of pyrite was reported to be covered by an oxidized 
overlayer at pH 10 (68). However, no studies have reported particle size change that is 
dependent on pH values. The pyrite used in this study could have a partially defective 
surface caused by microwave irradiation during synthesis. Pyrite was reported to be 
decomposed to pyrrhotite-like Fe-S phase and elemental sulfur when exposed to 
microwave energy (46).  
(1-x) FeS2 → Fe1-xS + (1 – 2x) S
0      (4.2) 
The X-ray diffraction analysis of pyrite after microwave synthesis did not show 
the presence of pyrrhotite or other FeS compounds (Chapter II). This suggests that 
microwave energy applied during pyrite synthesis did not cause significant 
decomposition of pyrite; however, it could cause partial surface defects. Evidence of 
surface defects can be found in the S 2p and Fe 2p3/2 spectra at pH 4, which contains 
peaks associated with monosulfide S and FeS-like Fe. More explicitly, formation of the 
smaller particles observed at pH 7 and pH 10 seems to be caused by the defective 
surface, in a way that is similar to formation of oxidized FeS compounds. This is based 
on interpretation of the S 2p and Fe 2p3/2 spectra. The S 2p spectra of highly defective 
FeS2(100) prepared by exposure to an ion beam showed a major peak at a position 
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associated with monosulfide (69). The reduction in relative abundance of surface 
monosulfide on the big particles at high pH suggests that the monosulfide can be 
transformed to other forms. Also, the S/Fe peak area ratio (S/Fe = 1.69 and 1.57 at pH 7 
and pH 10, respectively) is lower than the expected stoichiometry of pyrite (S/Fe = 2.0).  
In this study, all experiments were conducted under anaerobic conditions in a 
chamber containing 5% hydrogen and 95% nitrogen.  The oxygen level was controlled 
to concentrations below 1 ppm under all conditions by circulating the gas through a 
reactor with a Pt catalyst that removed traces of oxygen.  
As pH increases, increased OH- may cover the surface of pyrite especially at 
reactive sites. The monosulfide formed by broken S-S bonds was considered to be a 
chemically reactive defect state and strongly affected by oxidation reactions on the pyrite 
surface (70). Therefore, OH- could selectively affect surface defective sites, e.g. 
pyrrhotite like Fe-S phase formed during microwave synthesis of pyrite. Furthermore, 
the Fe-S phase covered with hydroxide seemed to be dissociated from the bulk pyrite 
phase by repulsive forces and produced small particles covered by hydroxide and 
oxidized Fe and S compounds. Also, the selective oxidation of monosulfide at high pH 
can explain the fact that the surface compositions of big particles are almost the same 
regardless of pH. At higher pH (pH 10), the surfaces of small particles are covered by 
more oxygen (92.7%) and more oxidized S or Fe are observed.  
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4.3.2 Surface of Pyrite after Reaction with Arsenic at pH 4 
Pyrite was reacted with As(III) for 29 days at pH 4. The arsenic concentrations in 
solution with time are shown in Figure 4.4. Arsenic removal continued to occur until 
complete removal was achieved in about 5 days. The surface of pyrite that had reacted 
with arsenic at pH 4 for different times was investigated with X-ray photoelectron 
spectroscopy. Fe 2p, S 2p, O 1s, and As 3d peak areas from the XPS broadscans were 
used to determine the surface atomic compositions shown in Table 4.4.  
After 1 hr reaction, about 30% of arsenic initially in solution was removed by 
pyrite (Figure 4.5), and about 1% of the surface was covered by arsenic. The 
composition of oxygen slightly increased from 4.84% to 7.3%, which seems to be due to 
the introduction of oxygen associated with arsenic. The arsenic content on the surface is 
increasing as arsenic removal increases. Arsenic composition on the surface continued to 
increase to 5.28% after 3 days, and then slightly decreased to 4.4 % after 29 days, even 
though arsenic concentration in solution phase did not change after complete removal 
was observed after 5 days. Loss of Fe from the surface was observed over time. The 
S/Fe ratio increased with time. Fe deficiency was shown after 29 days by a S/Fe ratio of 
2.67. Arsenic seems to substitute for Fe during reaction. The new form of arsenian pyrite 
was proposed by Dedititus et al (71), in which arsenite (As3+) substitutes for Fe 
[(Fe,As)S2], in contrast to the common form of arsenian pyrite, in which arsenic (As
1-) 
substitutes for S in S2
2- [Fe(As,S)2].     
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Figure 4.5 Arsenic concentrations over time in presence of pyrite at pH 4. Initial 
concentration of arsenic =100 µM, dose of pyrite = 1 g/L.  
 
Table 4.4  Atomic composition (%) of the surface of pyrite after reaction with As(III) at 
pH 4 for various times 
 Fe 2p S 2p O 1s As 3d S/Fe 
Unreacted 30.9 64.2 4.84 - 2.08 
1 hr 28.6 63.0 7.30 1.09 2.20 
3 hr 29.1 64.5 4.87 1.47 2.22 
8 hr 30.0 63.4 4.86 1.70 2.11 
3 day 25.5 64.3 4.95 5.28 2.52 
5 day 26.9 63.3 5.13 4.71 2.35 
10 day 26.3 63.5 5.80 4.43 2.41 
29 day 24.9 66.4 4.34 4.41 2.67 
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Figure 4.6, Figure 4.7, and Figure 4.8 present the narrow scan As 3d, S 2p, and 
Fe 2p3/2 spectra of pyrite reacted for 1 hr to 29 days with 100 µM As(III) at pH 4, 
respectively. The As 3d spectra were modeled as doublets of 3d3/2 and 3d5/2 separated by 
0.69 eV. The area of As 3d3/2 peak was 2/3 of the area of As 3d5/2 peak. The S 2p spectra 
were modeled as doublets of 2p1/2 and 2p3/2 separated by 1.18 eV and the area of S 2p1/2 
peak was 1/2 of the area of S 2p3/2 peak. The surface compositions are shown in Table 
4.5.  
After 1 hr reaction, the most intense peak of the As 3d spectrum is that of a 
specie that is similar to As4S4 (“As4S4-like As”) and is located at a binding energy of 43 
eV and representing 57.4% of surface arsenic (51,52). The second most intense peak is 
at 45.15 eV, which is assigned to As(V)-oxide (50,53). The As 3d spectra also contain 
smaller peaks at 43.3 eV, 44.4 eV, and 41.8 eV, which are interpreted to be specie 
similar to As2S3, As(III)-oxide, and elemental As, respectively (50-53). After 3 hr 
reaction, the intensity of the peak associated with As(V)-oxide decreases and the major 
peak becomes the one associated with the specie similar to As4S4 that represents 86.5 % 
of surface arsenic. After 29 days, the most intense peak is the one associated with As4S4-
like As. 
During reaction with arsenic, the major peak of the S 2p spectrum of pyrite is at 
162.4 eV, which is assigned to disulfide (S2
2-) of bulk FeS2 (38,39,41). The S 2p spectra 
also contain smaller peaks at 161.4 eV and 163.6 eV, which are interpreted to be 
monosulfide (S2-) and polysulfide (Sn
2-), respectively (38,39,41). The content of 
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monosulfide increases with time, while that of disulfide decreases. Increased amounts of 
oxidized sulfur species including polysulfide are not observed during reaction.  
The major peak of Fe 2p3/2 spectrum of pyrite after reaction with arsenic is at 
706.9 eV, which is consistent with the reported characteristic peak of pyrite. The peak at 
708.2 eV is close to the peak reported as an FeS-like compound or as surface defects 
(39). The Fe 2p3/2 spectrum also contains a tail at high bonding energies that was fitted 
with peaks of Fe(III)-S, Fe(III)-OH, and Fe(III)-SO4
2-. During reaction, there is no 
noticeable change in the pyrite-Fe(II)-S peak at 706.9 eV. The FeS-like peak at 708.2 eV 
slightly decreases as reaction continues, which is contrary to the observation that the 
peak associated with monosulfide increases in the S 2p spectra.  
Pyrite was reacted with a solution that initially contained H3AsO3, i.e. As(III)-
oxide. However, the major peak of the As 3d spectra of pyrite that had reacted with 
arsenic for 1 hr to 29 days was associated with As4S4-like As. The XPS data suggests 
that arsenic was removed from solution mainly by reduction and subsequent 
precipitation of an As4S4-like phase during reaction with pyrite. Arsenic removal with 
iron sulfide minerals has been investigated and formation of various solids including 
orpiment, arsenopyrite, and realgar has been reported (19-21,65). The XPS data in this 
study agree with the research on arsenic and synthetic mackinawite, in which arsenic is 
removed and forms a precipitate that is similar to realgar (As4S4) under acidic conditions 
and high arsenic concentration (65).  
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Figure 4.6  The XPS spectra of As 3d of pyrite after reaction with As(III) at pH 4. For (a) 
1hr, (b) 3hr, (c) 8hr, (d) 1 day, (e) 3 day, (f) 5 day, (g) 10 day, and (h) 29 day. 
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Figure 4.7  The XPS spectra of S 2p of pyrite after reaction with As(III) at pH 4. For (a) 
1hr, (b) 3hr, (c) 8hr, (d) 1 day, (e) 3 day, (f) 5 day, (g) 10 day, and (h) 29 day. 
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Figure 4.8  The XPS spectra of Fe 2p3/2 of pyrite after reaction with As(III) at pH 4. For 
(a) 1hr, (b) 3hr, (c) 8hr, (d) 1 day, (e) 3 day, (f) 5 day, (g) 10 day, and (h) 29 day. 
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4.3.3 Surface of Pyrite after Reaction with Arsenic at pH 7 
At pH 7, arsenic was removed rapidly within 24 hrs, and then slowly up to 29 
days. About 60% of the initial arsenic was removed after 29 days (Figure 4.9). At this 
pH, the surface of big particles gathered on 0.2 µm-filter and small particles gathered on 
0.02 µm-filter were studied separately. Arsenic was not detected by XPS investigation 
on surfaces of big and small particles until after 29 days (Table 4.6). After 29 days, 
arsenic was present at a relative concentration of 2.27% on big particles and 1.17 % on 
small particles. On the surface of big particles, oxygen was present at a relative 
concentration of about 10 %, which was higher than pH 4, and there was no noticeable 
change of atomic composition during reaction. For small particles, oxygen content was 
40% before reaction with arsenic and oxygen content decreased during reaction. 
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Figure 4.9 Arsenic concentrations over time in presence of pyrite at pH 7. Initial 
concentration of arsenic =100 µM, dose of pyrite = 1 g/L.  
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Table 4.6 Atomic composition (%) of the surface of pyrite after reaction with As(III) at 
pH 7 for various times 
?  Fe 2p S 2p O 1s As 3d S/Fe 
Big particles     
unreacted 29.9 59.0 11.1 - 1.97 
1 hr 28.0 59.3 12.7 - 2.12 
1 day 28.9 59.2 11.8 - 2.05 
5 day 28.8 61.9 9.32 - 2.15 
29 day 27.0 59.6 11.2 2.27 2.21 
Small particles     
unreacted 22.3 37.4 40.0 - 1.68 
1 hr 24.1 37.5 38.4 - 1.56 
1 day 30.7 54.1 15.2 - 1.76 
5 day 27.1 48.4 24.6 - 1.78 
29 day 26.9 47.4 24.1 1.70 1.76 
 
 
Figure 4.10, Figure 4.11, and Figure 4.12 present the narrow scan As 3d, S 2p, 
and Fe 2p3/2 spectra of pyrite reacted for 1 hr, 5 day, and 29 day with 100 µM As(III) at 
pH 7, respectively. The surface compositions are shown in Table 4.7.  
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Figure 4.10  The XPS spectra of As 3d of pyrite after reaction with As(III) at pH 7. For 
(a) 5 day and (b) 29 day of big particles, and for (c) 29 day of small particles. 
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Figure 4.11  The XPS spectra of S 2p of pyrite after reaction with As(III) at pH 7. For (a) 
1h, (b) 5d, and (c) 29d of big particles, and for (d) 1h, (e) 5d, and (f) 29d of small 
particles. 
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Figure 4.12  The XPS spectra of Fe 2p3/2 of pyrite after reaction with As(III) at pH 7. For 
(a) 1h, (b) 5d, and (c) 29d of big particles, and for (d) 1h, (e) 5d, and (f) 29d of small 
particles. 
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At pH 7, arsenic was not observed on the surfaces of both big and small particles 
until after 5 days. After 5 days, arsenic was detected on the big particles with a low 
intensity in the As 3d narrow scan. The low intensity could cause some error in 
interpretation. The major peaks of the As 3d spectra are an As4S4-like As specie and 
As(V)-O As with relative concentrations of 40% and 38%, respectively. The As 3d 
spectra also contain a peak at 41.8 eV, which is interpreted to be elemental As (50-53). 
After 29 days, the most intense peak of the As 3d spectra for big particles is an As4S4-
like As with relative concentration of 42.6%. As(III)-O and As(V)-O peaks with similar 
intensity are observed with relative concentrations of 22.9% and 24.6%, respectively. 
The As 3d spectra also contain a small peak associated with elemental As. The As 3d 
spectra of small particles after reaction for 29 days contains two major peaks, one for 
As4S4-like As and one for As(V)-O. The As 3d spectra also contains a small elemental 
As peak.  
The S 2p spectra of big particles reacted at pH 7 are almost identical to those for 
reaction at pH 4. They both have a major peak at 162.4 eV and small peaks at 161.4 eV 
and 163.6 eV. There is no noticeable change in the pyrite disulfide peak at 162.4 eV 
during reaction. The S 2p data for big particles show a decrease in monosulfide at 161.4 
eV and an increase in polysulfide at 163.6 eV with time. The decrease in monosulfide 
suggests that monosulfide could be converted into oxidized S, i.e. polysulfide, or the 
chemically reactive surface monosulfide could be dissociated from bulk pyrite and 
produce small FeS-like particles. The amount of small particles was not quantitatively 
measured during the reaction, but it noticeably increased with time. The major peak in S 
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2p spectra of small particles reacted at pH 7 is associated with monosulfide of bulk FeS 
and is located at 160.8 eV. The second intense peak in the S 2p spectra is for 
monosulfide at 161.4 eV.  It has a relative concentration of about 20%, which does not 
change during reaction. The S 2p spectra also contain small peaks for disulfide, 
polysulfide, and sulfate. During reaction, the monosulfide of bulk FeS decreases, while 
disulfide increases with time, suggesting that the monosulfide is consumed and 
converted into disulfide.  
The Fe 2p3/2 spectra of big particles reacted at pH 7 are also almost identical with 
those obtained after reaction at pH 4. They both have a major peak at 706.9 eV and small 
peaks at higher binding energies that are associated with of Fe(III)-S, Fe(III)-OH, and 
Fe(III)-SO4
2-. The Fe 2p3/2 spectra of small particles contain more oxidized Fe peaks at 
the high binding energy area above 709 eV compared to big particles. During reaction, 
there is no noticeable change in Fe 2p3/2 spectra of big and small particles reacted at pH 
7. 
The major peak of the As 3d spectra of both big and small particles reacted with 
arsenic at pH 7 was an As4S4-like As, which is the same as observed after reaction at pH 
4. This suggests that solution arsenic was removed and reacted with pyrite to form a 
precipitate of an As4S4-like phase. However, As(III)-O and As(V)-O arsenic were also 
observed and only As(V)-O was observed on the surface of small particles. At this pH,  
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arsenic seemed to form As(III)-O and As(V)-O complexes with pyrite. Furthermore, 
As(III) seemed to be oxidized to As(V) by Fe3+ present on the surface, therefore, more 
As(V)-O was observed on the surfaces of small particles, which are more highly 
oxidized.    
 
4.3.4 Surface of Pyrite after Reaction with Arsenic at pH 10 
Arsenic was removed rapidly within 48 hrs, and then slowly for up to 29 days. 
About 60% of arsenic was removed after 29 days (Figure 4.13). As at pH 7, the surfaces 
of big and small particles were studied separately. Arsenic was not detected by XPS on 
pyrite particles until 29 day reaction, regardless of size (Table 4.8). After 29 days, 
arsenic was detected on big particles at a relative concentration of 1.3%, but arsenic was 
not detected on the surface of small particles during the survey scan. There was no 
noticeable change of atomic composition on the surface of big particles during reaction. 
For small particles at pH 10, before reaction most of the surface was covered by oxygen 
(92.7%), but during reaction oxygen content decreased with time. Also, S/Fe ratio 
increased with time. 
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Figure 4.13 Arsenic concentrations over time in presence of pyrite at pH 10. Initial 
concentration of arsenic =100 µM, dose of pyrite = 1 g/L.  
 
Table 4.8 Atomic composition (%) arsenic after reaction with arsenic at pH 10 for 
various times 
?  Fe 2p S 2p O 1s As 3d S/Fe 
Big particles     
unreacted 27.4 62.3 10.3 - 2.27 
3 hr 25.3 62.3 12.4 - 2.47 
8 hr 27.0 61.6 11.4 - 2.29 
1 day 28.2 61.9 9.88 - 2.20 
29 day 26.1 60.7 11.9 1.30 2.33 
Small particles     
unreacted 2.83 4.44 92.7 - 1.57 
3 hr 30.7 49.1 20.2 - 1.60 
8 hr 22.2 46.3 31.3 - 2.09 
1 day 25.5 48.3 26.2 - 1.89 
29 day 24.9 45.9 29.2 - 1.85 
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Figure 4.14, Figure 4.15, and Figure 4.16 present the narrow scan As 3d, S 2p, 
and Fe 2p3/2 spectra of pyrite reacted for 3 hr, 8 hr, 1 day, and 29 day with 100 µM 
As(III) at pH 10, respectively. The surface compositions are shown in Table 4.9.  
 
 
Figure 4.14  The XPS spectra of As 3d of pyrite after reaction with As(III) at pH 10. For 
29 day (a) big particles and (b) small particles. 
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Figure 4.15  The XPS spectra of S 2p of pyrite after reaction with As(III) at pH 10. For 
(a) 3 hr, (b) 8 hr, (c) 1 day, and (d) 29d of big particles, and for (e) 3 hr, (f) 8 hr, (g) 1 day, 
and (h) 29 day of small particles.  
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Figure 4.16  The XPS spectra of Fe 2p3/2 of pyrite after reaction with As(III) at pH 10. 
For (a) 3 hr, (b) 8 hr, (c) 1 day, and (d) 29d of big particles, and for (e) 3 hr, (f) 8 hr, (g) 1 
day, and (h) 29 day of small particles. 
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At pH 10, arsenic was not observed until 29 days of reaction for both big and 
small particles. After 29 days, the most intense peak of the As 3d spectra for big 
particles is As(V)-O with a relative concentration of 44%. The As 3d spectra also 
contain peaks associated with As4S4-like As and elemental As with relative 
concentrations of 26.2% and 12.4%, respectively. Arsenic was detected on small 
particles reacted for 29 days with low intensity on narrow scan of As 3d. The major peak 
of the As 3d spectra of small particles is an As4S4-like As with relative concentration of 
45.5%. The As 3d spectra contains peaks showing 28.9% elemental As, 17.7% As(V)-O, 
and 7.8% As(III)-O.  
The S 2p spectra of big particles reacted at pH 10 are almost identical with those 
for particles reacted at pH 4 or pH 7. They have a major peak at 162.4 eV and small 
peaks at 161.4 eV and 163.6 eV.  As at pH 7, the monosulfide peak at 161.4 eV 
decreases with time and no peak at 161.4 eV was observed after reaction for 29 days. 
The major peak in the S 2p spectra of small particles reacted at pH 10 is monosulfide of 
bulk FeS, which is located at 160.8 eV. The S 2p spectra also contain peaks for 
monosulfide, disulfide, polysulfide, and sulfate. Before reaction, the S 2p spectra of 
small particles contain an important sulfate peak at 167.9 eV with relative concentration 
of 37.6%, but after reaction, the sulfate peak decreases to relative concentrations of only 
a few percent (2 to 5%). This is related to oxygen content on the surface. Before 
reaction, most of surface of small particles at pH 10 was covered by oxygen (92.7%), but 
the oxygen content decreased with time. After reaction for 29 days, the peak for 
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monosulfide of bulk FeS decreases, while the peaks for monosulfide at 161.4 eV and 
disulfide increase. 
The Fe 2p3/2 spectra of big particles reacted at pH 10 are also almost identical 
with those for pyrite reacted at pH 4. They have a major peak at 706.9 eV and small tail 
at high binding energies that is fitted with peaks of Fe(III)-S, Fe(III)-OH, and Fe(III)-
SO4
2-. During reaction, there is no noticeable change in Fe 2p3/2 spectra of big particles 
reacted at pH 10. The Fe 2p3/2 spectra of small particles contain more oxidized Fe peaks 
at the high binding energy area above 709 eV compared to big particles. During reaction, 
surface Fe(II)-S is enhanced and oxidized Fe species are diminished.  
The major peak of the As 3d spectra on the surface of big particles reacted with 
arsenic at pH 10 was associated with As(V)-O arsenic and a peak associated with As4S4-
like As was present at a relative concentration of 26.2%. At pH 10, arsenic removal by 
precipitation of an As4S4-like phase seems to be less important than at lower pH and 
arsenic removal by sorption is dominant. Also, elemental arsenic was observed on the 
surfaces of particles, indicating that arsenic was also being removed by precipitation of a 
FeAsS-like phase. Fast formation of a FeAsS-like precipitate was suggested by Bostick 
et al (21).  
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4.3.5  Summary 
In this study, arsenic removal by pyrite was strongly affected by pH. Under 
acidic conditions, arsenic removal continued until complete removal was achieved. 
However, in neutral to alkaline conditions, fast removal of arsenic was followed by slow 
removal that resulted in a maximum of about 60% of total arsenic being removed. In the 
neutral to alkaline conditions, a defective pyrrhotite-like Fe-S phase that resulted from 
microwave irradiation during synthesis of pyrite dissociated from bulk pyrite to form 
small particles with more oxidized surface, while surfaces of big particles (bulk pyrite) 
were almost identical with those of pyrite reacted under acidic conditions.  
Arsenic was removed by precipitation of an As4S4-like phase during reaction 
with pyrite under acidic conditions. However, under neutral to alkaline conditions, 
arsenic was found on the surface as As(III)-O and As(V)-O surface complexes as well as 
an As4S4-like precipitate. As pH increases, arsenic removal and formation of an As4S4-
like precipitate decreased, while removal and formation of As(III)-O and As(V)-O 
surface complexes increased. Under alkaline conditions, a FeAsS-like phase was also 
detected. The effect of pH has also been observed during reaction of arsenic with 
mackinawite (65). Arsenic removal by was associated with precipitation of a As4S4-like 
precipitate under acidic conditions and with adsorbed arsenite species under alkaline 
conditions.  
The role of sulfide minerals in regulating dissolved arsenic concentrations have 
been emphasized in anoxic environments, but arsenic retention mechanisms are not fully 
understood yet (11-13,47,48). This study showed that pyrite was effective in removing 
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arsenic in anoxic environmental. However, arsenic removal by pyrite was complex 
depending on pH. Further study is required to fully understand arsenic fate and transport 
in anoxic environment.  
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CHAPTER V 
SUMMARY AND CONCLUSION 
 
In this study, a procedure using microwaves was studied to develop a fast and 
reliable method for synthesizing pyrite. Interactions of arsenic with pyrite was 
investigated in an anoxic environment in order to better understand geochemical cycling 
of arsenic and to better predict arsenic fate and transport in the environment. Arsenic-
pyrite interactions were investigated using macroscopic (solution phase experiments) 
and microscopic (X-ray photoelectron spectroscopic investigation) approaches.  
Pyrite was successfully synthesized within few minutes via reaction of ferric iron 
and hydrogen sulfide using a conventional microwave oven. The SEM study revealed 
that the nucleation and growth of pyrite occurred on the surface of elemental sulfur, 
where polysulfides are available. Pyrite formation by reaction of ferric iron and 
hydrogen sulfide using microwave energy can be summarized by the following 
reactions.  
2Fe3+ + HS- = 2Fe2+ + S0 + H+                  (5.1) 
 (n-1)S0 + HS- = Sn
2- + H+                            (5.2) 
Fe2+ + Sn
2- + HS- = FeS2 + Sn-1
2- + H+        (5.3)      
Compared to conventional heating, using microwave energy results in formation of 
smaller particulates of pyrite and does so within a minute. Higher levels of microwave 
power can form pyrite faster, but faster reaction can lead to the formation of pyrite with 
defects. 
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Arsenic removal by pyrite was strongly dependent on pH and arsenic species. 
Both arsenite (As(III)) and arsenate (As(V)) had a strong affinity for the pyrite surface 
under acidic conditions, but As(III) was more effectively removed than As(V). Under 
acidic conditions, arsenic removal continued to occur almost linearly with time until 
complete removal was achieved.  However, under neutral to alkaline conditions, fast 
removal was followed by slow removal and complete removal was not achieved in our 
experimental conditions. A BET isotherm equation provided the best fit to arsenic 
removal data, suggesting that surface precipitation occurred at high arsenic/pyrite ratio. 
The addition of competing ions did not substantially affect the ultimate distribution of 
arsenic between the pyrite surface and the solution, but changing pH affected arsenic 
stability on pyrite. 
X-ray photoelectron spectroscopy (XPS) revealed that arsenic was removed by 
precipitation of solids phases similar to As2S3 and As4S4 during reaction with pyrite 
under acidic condition. However, under neutral to alkaline conditions, arsenic was 
removed and formed As(III)-O and As(V)-O surface complexes, as well as As2S3/As4S4-
like precipitates. As pH increases, arsenic removal followed by As2S3/As4S4-like 
precipitates decreased, while removal followed by formation of As(III)-O and As(V)-O 
surface complexes increased. Under alkaline conditions, an FeAsS-like phase was also 
detected. 
The role of sulfide minerals in regulating dissolved arsenic concentrations has 
been emphasized in anoxic environments. Current studies show that arsenic retention in 
anoxic environments is controlled by sulfide minerals like pyrite. Arsenic is removed 
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from solution and retained on the surface of iron sulfide minerals after reaction to form 
As2S3/As4S4-like precipitates or FeAsS-like precipitates. Sulfide minerals are effective in 
removing arsenic in anoxic environments. However, arsenic retention on sulfide 
minerals can be affected by characteristics of the surrounding environment, such as pH 
and redox potential. When pH is increased, release of arsenic retained on the sulfide 
minerals can occur due to the high solubility of As2S3/As4S4-like precipitates at high pH 
conditions. Sulfide minerals can be oxidized in aerobic conditions, which can lead to a 
change in redox states of arsenic and release of arsenic retained on the sulfide minerals. 
This is believed to be the cause of arsenic contamination observed in acid mine drainage 
areas and some arsenic contaminated areas. Therefore, further study on the effect of pH 
and redox processes is required in order to understand long term stability of arsenic 
retention on sulfide minerals as well as the fate and transport of arsenic in the 
environment.  
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